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With the atmospheric concentration of carbon dioxide steadily increasing and 
little sign of a reduction in fossil fuel demand worldwide, there is a well-established need 
for an alternative strategy for dealing with carbon emissions from energy production. One 
possible solution is the accelerated weathering of ultramafic rocks. Accelerated 
weathering is an environmentally benign route to a thermodynamically and kinetically 
stable form of carbon. The chemistry is based on naturally occurring reactions and the 
raw materials are abundant across the earth’s surface. However, the reactions are 
relatively slow, and achieving reaction rates sufficient to match the carbon dioxide 
production rate at an energy conversion facility is challenging. This work addresses a 
number of the challenges facing the integration of accelerated weathering with energy 
conversion, and presents one view of how the integration could be achieved. 
This work begins by developing a suite of tools necessary for investigating the 
dissolution and precipitation of minerals. Chapter 2 starts with a description of the 
minerals that will be evaluated, and then goes on to develop the techniques that will be 
  
used. The first is a differential bed reactor, which is used for measuring the dissolution 
rates of minerals under tightly controlled conditions. Next a bubble column reactor is 
developed for the investigating the adsorption of carbon dioxide and the precipitation of 
mineral carbonates in a single vessel. These techniques, together with a batch reactor for 
studying direct carbonation reactions, constitute a comprehensive set of tools for the 
investigation of accelerated mineral weathering. 
With the necessary techniques developed and proven, Chapter 3 addresses the 
first challenge faced by accelerated mineral weathering; the dissolution rate of 
magnesium from a silicate mineral. While the dissolution of this mineral is 
thermodynamically favorable, the kinetics are prohibitively slow. It is thought that this is 
because silica from the mineral tends to accumulate on the particle surface creating a 
passivation layer, which limits the reaction rate of the mineral. In this work, the effects of 
a combination of chemical chelating agents, catechol and oxalate, are evaluated for their 
ability to circumvent this passivation layer. The results indicate that catechol and oxalate 
modify the passivation layer as it forms, both accelerating the dissolution rate of the 
mineral and maintaining pore volume, leading to greater dissolution rates. This pore 
modification process is proposed as the primary mechanism by which catechol affects the 
passivation layer. The combination of catechol and oxalate under acidic conditions is also 
shown be effective when the ambient solution approaches the saturation point of silica. 
Finally, the chelating does not impede the precipitation of carbonate products, a critical 
hurdle for a carbon storage process. 
The chelating agent work is extended in Chapter 4, with a sensitivity study that 
evaluates the response of the dissolution rate to changes in both pH and the concentration 
  
of the chelating agents. Oxalate and pH are found to exhibit a strong influence on the 
mineral dissolution rate, while the effect of catechol is more apparent after significant 
dissolution has taken place. These observations are in agreement with the model of 
passivation layer modification proposed. In addition, some alternatives to the chelating 
agent catechol are evaluated. It is found that when used in combination with oxalate, 
these alternatives appeared equivalent to catechol, but alone they had only a minor effect. 
Catechol was also noted to have a significant effect on the dissolution rate of iron from 
the silicate mineral, and a mechanism for this effect was proposed.  
The direct adsorption of carbon dioxide and precipitation of solid carbonates in a 
single reaction step presents another challenge for accelerated mineral carbonation. In 
general, the magnesium carbonates formed at ambient pressure and moderate 
temperatures tend to be hydrated, and at times contain unused hydroxides, leading to 
inefficiencies in both transport and storage. It is shown in Chapter 5 that by seeding 
reaction vessels with the anhydrous form of magnesium carbonate, it is possible to grow 
this desired phase with minimal formation of the metastable hydrated phases. The 
formation of this phase is primarily limited by the precipitation rate, but in some 
situations, carbon dioxide hydration kinetics and magnesium hydroxide precipitation 
kinetics also play a role.  
In Chapter 6, these developments in both magnesium silicate dissolution and 
carbonate precipitation are combined into a proposed technology for the direct capture 
and storage of carbon dioxide. This application of accelerated mineral weathering is 
shown to significantly reduce the carbon emissions of an energy conversion technology 
through life cycle assessment. This novel approach to the mitigation of carbon emissions 
  
presents a compelling argument for the continued development of accelerated mineral 
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Chapter	  1	  -­‐ Introduction	  
1.1. Motivation	  	  
The Intergovernmental Panel on Climate Change has concluded that the 
accumulation of anthropogenic greenhouse gases poses a risk to society (IPCC	  2007). In 
addition, carbon dioxide is dissolving into the ocean, lowering the pH and changing the 
prevailing chemistry (Orr	  et	  al.	  2005). To rebalance the global carbon cycle, society will 
need a wide range of adaptations and new technologies, one of which is accelerated 
mineral weathering. Accelerated mineral weathering is an engineered version of a series 
of natural reactions that adsorb carbon dioxide from the atmosphere to create carbonate 
minerals (Seifritz	  1990;	  Lackner	  et	  al.	  1995). 
1.2. Natural	  Weathering	  of	  Silicate	  Minerals	  
There is a natural geological process that regulates the amount of carbon dioxide 
in the atmosphere. This process, known as weathering, is the link between the largest 
carbon reservoir on earth – sedimentary carbonates with >60,000,000 GtC – and one of 
the smallest – the atmosphere with only 720 GtC (Falkowski	  et	  al.	  2000). Harold Urey 
first linked weathering reactions to the global carbon cycle when he described the 
reactions that now bear his name (Equation 1-1)(Urey	   1952). The reaction forming 
magnesium and calcium carbonates from silicates remove carbon dioxide from the 
atmosphere at the earth’s surface, while the reverse reaction releases carbon dioxide 
during volcanic activity. The rate of these carbon removal reactions is linked to surface 
  2 
 
temperature of the earth, both in terrestrial and oceanic environments (Brady	   1996;	  





It has been suggested that this weathering process could be an alternative to 
geological storage, because the final product is stable and presents minimal risk to the 
environment, climate or local population (Lackner	   et	   al.	   1995;	   Seifritz	   1990). Of 
particular interest, from the perspective of locking away carbon dioxide, are the so-called 
ultramafic minerals. These minerals are characterized by their dark color, high 
magnesium and iron content, and correspondingly low silica content. The magnesium and 
iron form low solubility carbonate precipitates, and the overall reaction of alkaline earth 
metal oxides with carbon dioxide is exothermic and spontaneous at ambient conditions. 
Olivine and serpentine are two examples of magnesium silicates that have 
received a large amount of attention, due not only to their high magnesium content, but 
also their relative reactivity and abundance in nature (Park	  et	  al.	  2003;	  Goff	  &	  Lackner	  
1998). The reaction of carbon dioxide with these two materials is thermodynamically 
favorable and exothermic. Equation 1-2 and Equation 1-3 show the stoichiometry of the 
exothermic reaction of olivine and serpentine, respectively, with carbon dioxide. While 
these reactions are exothermic, they are accompanied by a decrease is entropy. Thus, 
these reactions are thermodynamically favorable at low temperature, but become 
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unfavorable at high temperature. In the case of magnesium carbonate, the product 
becomes unfavorable above 300°C at a carbon dioxide partial pressure of one bar 









1.2.1. Mineral	   Weathering	   as	   a	   Carbon	   Capture	   and	   Storage	  
Technology	  
Since the natural process of mineral weathering does not occur at a fast enough 
rate to keep up with anthropogenic carbon dioxide emissions, many researchers have 
investigated the possibility of artificially accelerating it. These technologies take place 
under a range of conditions and utilize various mechanisms for contacting the carbon 
dioxide gas with the mineral feed stock. A general classification scheme begins by 
distinguishing where the carbonation reaction takes place: in-situ technologies perform 
the carbonation reaction underground, while ex-situ processes convert minerals out of the 
ground under more precisely controlled conditions. Ex-situ reactions can take place 
through a gas-solid, gas-liquid or gas-liquid-solid reaction mechanism.  
In-situ mineral carbonation is of interest to this project, because it too relies on the 
acceleration of mineral carbonation reactions. However, it also shares many features of 
geological storage, including the physical processes that trap the carbon dioxide 
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underground. These physical processes are covered in a number of reviews (O'Connor	  et	  
al.	   2004;	   IPCC	   2005) but, briefly, they are: physical trapping of the buoyant gas or 
supercritical fluid by an impermeable cap rock; residual trapping of small pockets of gas 
with rock pores; and solubility trapping, where the carbon dioxide dissolves into solution 
to create a denser fluid. Once dissolved, the carbon dioxide can react with the 
surrounding rocks to form a number of stable carbonate materials (Fouda,	   Amin	   &	  
Mohamed	  1996a;	  Oelkers	  et	  al.	  2008;	  Fouda,	  Amin	  &	  Mohamed	  1996b;	  Apostolidis	  
&	   Distin	   1978). Increasing the temperature of the formation, either by heating the 
injection fluid or relying on the exothermic carbonation reaction can increase this 
reaction rate (Park	  &	  Fan	  2004;	  Kelemen	  &	  Matter	  2008); however, it also reduces the 
solubility of carbon dioxide in solution (Park	   et	   al.	   2003;	   Gislason	   et	   al.	   2010). In 
general, it appears as though natural carbonation rates have been underestimated in the 
past, with sites in the Sultanate of Oman and the west coast of Canada exhibiting younger 
than expected carbonate deposits (Maroto-­‐Valer	  et	  al.	  2005;	  Kelemen	  &	  Matter	  2008;	  
Power	   et	   al.	   2009). The mechanisms of these reactions that occur in the field are of 
interest to the research proposed in this document, and it’s expected that the results of this 
work would also be of interest to those working on in-situ accelerated weathering.  
The most straightforward technology for ex-situ carbonation is the direct gas-solid 
reaction. It is attractive because of the relative ease of contacting a gas and solid, and 
because recovering the heat released by the reaction would easily achieved. Three 
research groups have studied the direct gas-solid reaction in depth. Butt et al. studied the 
direct carbonation of Mg(OH)2 at elevated temperatures (Bennett	   1991;	   Butt	   et	   al.	  
1996;	   Bennett	   et	   al.	   1988;	   Ehrlich	   et	   al.	   2010;	   Jørgensen	   1976). Since 
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dehydroxylation of Mg(OH)2 occurred concurrently with carbonation it was difficult to 
assign a mechanism for the overall reaction, but the activation energy for the direct 
carbonation pathway was much higher than dehydroxylation at 304 kJ/mol vs. 146 
kJ/mol, which is not surprising given the poor reaction kinetics. Building on this work, a 
group out of Arizona State noted that dehydroxylation occurs by a process of nucleation 
and propagation through individual lamella in the crystal structure (Iler	  1976;	  Bearat	  et	  
al.	   2002;	   Öhman,	   Nordin,	   Sedeh	   &	   Staffan	   1991b;	   R.	   Sharma	   et	   al.	   2004). The 
intermediate, partially dehydroxylated materials were more reactive than either MgO or 
the starting material, indicating a complicated reaction pathway dependent on 
morphological changes in the crystal structure. Zevenhoven’s group described a thermal 
route to create MgO or Mg(OH)2 from magnesium silicates; however, they didn’t appear 
to have a solution for the poor gas phase reaction kinetics (Barnum	  1970;	  Fagerlund	  et	  
al.	  2009;	  Bai	  et	  al.	  2008;	  Fagerlund	  et	  al.	  2010). They did, however, show that the gas 
phase reactions could be highly economical, if the kinetic issue were solved 
(Zevenhoven	  et	  al.	  2008).  
While there are no viable pathways for the direct gas-solid reaction, there is a 
well-established liquid phase reaction based on the natural process. Magnesium (or 
calcium) ions can be extracted from the mineral in a reaction with free acid (Equation 
1-4). Carbon dioxide dissolves into solution and reacts with water to form carbonic acid, 
which can react with the dissolved cations to create a solid carbonate (O'Connor	  et	   al.	  
2004). A research group from Albany Research Center investigated this reaction 
extensively, and was able to achieve 78% conversion of serpentine in 30 minutes 
(O'Connor	   et	   al.	   2004). Unfortunately, the process required extensive mineral 
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pretreatment, including crushing, grinding and (most energetically demanding) thermal 
activation. It was also possible to achieve high conversion with olivine, but it was not as 
reactive as thermally activated serpentine. They also observed that the silicate was 
converted to amorphous silica as magnesium is extracted. The silica appeared to build up 
on the surface of the mineral, and they speculated that the dissolution of the mineral is 




While the direct conversion of silicates to carbonates in an aqueous system 
presented a significant improvement in kinetics over the gas-solid reaction, compromises 
were still made. Since protons in solution drive the release of magnesium and calcium 
from the mineral matrix, it tends to occur fastest at low pH. This is in contrast to 
carbonate precipitation, which occurs fastest at higher pH values. A number of 
researchers recognized the compromises inherent in the direct process and developed 
multistep processes where mineral dissolution and carbonation occur under different 
conditions. Krevor provides an extensive review of these processes, and notes that the 
major limitation of many of them is a lack of economically viable routes to recycle 
additives, such as acids and bases (Krevor	   2009). In general, technologies utilizing 
mineral acids consume too much energy to be economical (Lackner	  2002), while those 
using organic acids are not as effective at extracting cations from the minerals. 
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It is also worth noting that there are a number of industrial waste materials with 
similar chemistry to silicates that can also be converted to carbonates. A recent study 
indicates that enough of these materials are produced to sequester ~1 Gt carbon dioxide 
annually (Renforth	   et	   al.	   2011). These materials are generally far more reactive than 
silicates, most likely due to higher surface area and a less stable crystal structure 
(Eloneva,	  Teir,	  Salminen,	  Fogelholm	  &	  Zevenhoven	  2008a;	  Eloneva,	  Teir,	  Salminen,	  
Fogelholm	   &	   Zevenhoven	   2008b;	   Teir,	   Eloneva,	   et	   al.	   2007a). However, while 
abundant, these materials cannot compete with ultramfic minerals in terms of the 
resource scale (Krevor	   2009), so this project will focus on the utilization of naturally 
occurring materials. 
1.3. Objectives	  
In general, the goal of this work is to investigate the possibility of using an 
accelerated mineral weathering process for the capture and storage of carbon dioxide. 
The specific goals listed below address the critical hurdles that must be addressed in 
order to properly evaluate the possibility of harnessing accelerated mineral weathering 
for carbon capture and storage.  
 
Objective 1: Develop the techniques necessary to investigate the reactions 
associated with accelerated mineral weathering 
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Chapter 2 of this document details all of the techniques that were developed for 
investigating mineral weathering and mineral carbonation as carbon storage techniques. 
In addition, it provides a standardization of many of the calculations used in the field. 
 
Objective 2: Quantify the effects of chelating agents on the dissolution behavior 
of the magnesium silicate mineral serpentine 
Chapter 3 of this work illustrates that the chelating agents oxalate and catechol 
have a significant effect on the dissolution rates of serpentine, and a mechanism for the 
effect is proposed. Chapter 4 extends this investigation with a sensitivity analysis and 
evaluates alternatives to catechol. 
 
Objective 3: Assess the impact of chelating agents and biocatalysts on the 
precipitation rates of magnesium carbonates 
In Chapter 3, it is shown that neither catechol nor oxalate appears to prevent the 
precipitation of magnesium carbonates.  
 
Objective 4: Investigate the carbonate materials formed during moderate 
temperature carbonate precipitation and optimize for materials with a high mass and 
molar utilization efficiency of magnesium  
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In Chapter 5, it is shown that the homogenous precipitation of anhydrous 
magnesium carbonate is highly unlikely under the conditions in question, but by seeding 
reaction vessels with this phase of carbonate, it can be grown at a rate sufficient to 
suppress some formation of the hydrated phases. 
 
Objective 5: Investigate the use of accelerated mineral weathering as a 
permanent carbon capture and storage technology 
Chapter 6 reviews the integration of the reactions observed in this work with an 
energy conversion system. 
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Chapter	  2	  -­‐ Experimental	  Methods	  and	  Data	  Analysis†	  
 
2.1. Introduction	  
The deployment of Carbon Capture, Utilization and Storage (CCUS) technologies 
is one of the most important environmental and ecological challenges that are currently 
faced by the scientific community. If the concentration of CO2 in the atmosphere is not 
limited to 550 ± 50 ppm (IPCC 2007), serious environmental consequences which 
include greater frequency of extreme weather events and inverted weather patterns are 
expected. The current concentration of CO2 is about 393 ppm as of October 2013 and has 
been increasing approximately at a rate of 2 ppm per year since 2000, primarily due to 
the rising global consumption of fossil fuels.  
One of the most safe and permanent methods to store CO2 is by reacting it with 
silicate minerals containing calcium and magnesium to form thermally stable, water 
insoluble, and environmentally benign calcium and magnesium carbonates (Lackner 
2002). This process is known as carbon mineralization and can be performed via both in-
situ and ex-situ modes. While many researchers are working in this field of carbon 
                                                
 
† A version of this section was submitted for publication on Dec 9th, 2013 as: 
Gadikota,  Greeshma, Edward J Swanson, Huangjing Zhao, and Ah-Hyung Alissa Park. 
“Experimental Design and Data Analysis for Accurate Estimation of Reaction Kinetics 
and Conversion for Carbon Mineralization.” Journal of Chemical and Engineering Data.  
 
E.J.S. designed and built the differential bed reactor and bubble column reactor. 
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mineralization, there are considerable uncertainties and discrepancies around the rate and 
carbon storage potential estimates of CO2-mineral-water interactions. The highly 
heterogeneous nature of minerals, the chemistry of reaction fluid (e.g., brine or solvents 
with different compositions), and pore structures and surface areas are examples of the 
parameters that strongly affect the reactivity of silicate minerals with CO2. These 
parameters affect both in-situ injection of CO2 directly into the geologic formations to 
naturally carbonate over geologic time frame, and ex-situ carbon mineralization via 
mining and processing in an engineered reactor system.   
The reaction rates of in-situ carbon mineralization are expected to be much slower 
due to the low surface area available for reactions and mass transfer limitations that can 
also be caused by the presence of insoluble non-reacting phases and the formation of 
silica-rich layer on the reactive surface. Thus, CO2 is injected into the geologic formation 
in the depth where sufficient permeability exists with a strong cap rock to prevent leakage 
and where the geothermal heat can be utilized to facilitate accelerated mineral 
carbonation. In the ex-situ case, there are more options to engineer the CO2-mineral-water 
reactions. Crushing and grinding the minerals increases the surface area and various 
thermal, mechanical, or chemical treatments can be used to accelerate the rates of both 
mineral dissolution and carbonate formation (Chizmeshya et al. 2007; Gerdemann et al. 
2007; Park et al. 2003; Park & Fan 2004).  
Regardless of whether carbon mineralization occurs in-situ or ex-situ, there are 
three main reaction steps involved in the formation of mineral carbonates. The first is the 
hydration of gaseous CO2 to form bicarbonate and carbonate ions in the aqueous solution 
(Reactions 1-3). The second is mineral dissolution producing Ca- or Mg-rich solutions as 
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exampled in Reactions 4 and 5 for Mg-bearing minerals, forsterite (Mg2SiO4) and 
serpentine (Mg3(OH)4(Si3O5)). Note that forsterite minerals are often found with Fe and 
those minerals are called olivine ((Mg,Fe)2SiO4), which has been extensively studied for 
carbon storage along with serpentine. The dissolution behavior of olivine is similar to that 
of forsterite. The third step involves the formation of insoluble calcium and magnesium 
carbonates via ionic reactions (Reaction 6). Combining these three reaction steps, results 
in the overall reactions for forsterite (Reaction 7) and serpentine (Reaction 8) carbonation 
given below.  
CO2 hydration:              𝐶𝐶𝐶𝐶    →   𝐶𝐶𝐶𝐶  ()     
 (Rx. 1)                                                                                                                𝐶𝐶𝐶𝐶    + 𝐻𝐻𝑂𝑂 ↔   𝐻𝐻𝐶𝐶𝐶𝐶    ↔ 𝐻𝐻  + 𝐻𝐻𝐻𝐻𝐻𝐻     
 (Rx. 2)                       𝐻𝐻𝐻𝐻𝐻𝐻    ↔ 𝐶𝐶𝐶𝐶    + 𝐻𝐻       
 (Rx. 3) 
Forsterite Dissolution:            𝑀𝑀𝑀𝑀𝑆𝑆𝑆𝑆𝑆𝑆()   +   4𝐻𝐻() →   2𝑀𝑀𝑀𝑀() +  𝑆𝑆𝑆𝑆𝑆𝑆() + 𝐻𝐻𝑂𝑂          
 (Rx. 4) 
Serpentine Dissolution:    𝑀𝑀𝑀𝑀𝑆𝑆𝑆𝑆𝑂𝑂(𝑂𝑂𝑂𝑂)  + 6𝐻𝐻() →   3𝑀𝑀𝑀𝑀() +   2𝑆𝑆𝑆𝑆𝑆𝑆() + 5𝐻𝐻𝑂𝑂   
 (Rx. 5) 
Carbonate Formation:          𝑀𝑀𝑀𝑀() +   𝐶𝐶𝐶𝐶  () →   𝑀𝑀𝑀𝑀𝑀𝑀𝑀𝑀  ()   
 (Rx. 6) 
Overall Reactions: 
𝑀𝑀𝑀𝑀𝑆𝑆𝑆𝑆𝑆𝑆()   +   2𝐶𝐶𝐶𝐶() +   2𝐻𝐻𝑂𝑂   →   2𝑀𝑀𝑀𝑀𝑀𝑀𝑀𝑀() + 𝑆𝑆𝑆𝑆𝑆𝑆  +   2𝐻𝐻𝑂𝑂   𝑜𝑜𝑜𝑜  𝐻𝐻𝑆𝑆𝑆𝑆𝑆𝑆()       (Rx. 7)  
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𝑀𝑀𝑀𝑀𝑆𝑆𝑆𝑆𝑂𝑂(𝑂𝑂𝑂𝑂)  + 3𝐶𝐶𝐶𝐶() +   2𝐻𝐻𝑂𝑂 →   2𝑀𝑀𝑀𝑀𝑀𝑀𝑀𝑀() + 2𝑆𝑆𝑆𝑆𝑆𝑆  +   4𝐻𝐻𝑂𝑂   𝑜𝑜𝑜𝑜  2𝐻𝐻𝑆𝑆𝑆𝑆𝑆𝑆()
 (Rx. 8) 
 During the early development of carbon mineralization technologies, it 
was assumed that the overall rate limiting step in carbon mineralization was the 
dissolution of Mg-bearing silicate minerals. However, with the recent advancements in 
accelerating mineral dissolution rates (Park et al. 2003; Park & Fan 2004), the rate 
limiting step shifts among CO2 hydration, mineral dissolution and carbonate formation 
steps, depending on the pH, partial pressure of CO2, temperature and the presence of 
chemical additives (Harrison et al. 2013; Saldi et al. 2012). Furthermore, the mode of 
reactions (e.g., single-step vs. two-step pH swing processes) was also found to influence 
the overall rate of reactions. For example, while mineral dissolution is favored at low pH, 
the formation of mineral carbonates is favored at pH > 6 (Lackner 2002; Park et al. 2003; 
Park & Fan 2004). Thus, the two-step approach where mineral dissolution is performed 
under acidic conditions and carbonate formation is carried out under basic condition, 
would achieve faster individual reaction rates, whereas a single-step mineral carbonation 
would allow in-situ pH swing. In the case of in-situ or single-step carbon mineralization, 
CO2 hydration, mineral dissolution and carbonate formation are coupled in a 
simultaneous mode (Gadikota et al. 2013; Kelemen & Matter 2008; Kelemen et al. 2011; 
Matter & Kelemen 2009), which further complicates the determination of the rate 
limiting step.  
A number of pretreatment options of Mg-bearing minerals including attrition 
grinding and thermal dehydroxylation of hydrous minerals (e.g., serpentine) were found 
to disrupt the crystal structure of the minerals and enhance the reactivity of the minerals 
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(Gerdemann et al. 2007; O'Connor et al. 2004). While these pretreatments significantly 
improved the overall extent of carbon mineralization of Mg-bearing minerals, it was also 
argued that those energy intensive pretreatments would lower the net carbon storage 
potential for the proposed technology.   
Even without the pretreatments, some of the Mg-bearing minerals showed 
promising results for carbon storage. For the range of the partial pressure of CO2 from 
ambient to 150 atm (often suggested as the optimal transportation pressure), higher PCO2 
resulted in greater extents of carbon mineralization. The partial pressure of CO2 also 
impacts the pH and the concentration of carbonate species in the aqueous phase. 
Increasing the reaction temperature favors olivine (Awad et al. 2000; Chen & Brantley 
2000; Giammar et al. 2005; Hänchen et al. 2006; Saldi et al. 2010) and serpentine 
(Palandri & Kharaka 2004) dissolution kinetics. Similarly, the formation of magnesium 
carbonates is favored at high temperatures as the solubility of carbonate species decreases 
with increasing temperature (Bénézeth et al. 2011), and the reaction kinetics also 
improved at higher temperatures. 
The roles of chemical additives on mineral dissolution and carbonate formation 
have also been studied by many research groups. As expected, strong acids such as 
H2SO4 and HNO3 do enhance the dissolution of Mg- and Ca-bearing silicate minerals 
which are basic in nature (Van Essendelft & Schobert 2009b; Van Essendelft & Schobert 
2009a), and others have reported that even weak organic chelating agents such as oxalate 
and acetate can bind with Mg or Ca on the mineral surface and enhance their leaching 
into the liquid phase with lower environmental impacts (Park et al. 2003; Park & Fan 
2004). The formation of mineral carbonates are favored at high pH so that the addition of 
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strong bases such as NaOH greatly enhances the precipitation of carbonates from the 
solution phase (L. Zhao et al. 2010). Other chemical additives and catalyst have also been 
evaluated and NaHCO3 was found to serve as a carbon source and a pH buffer that 
enhances mineral carbonation (Chizmeshya et al. 2007; Gadikota et al. 2013; Gerdemann 
et al. 2007; O'Connor et al. 2004). Most recently, a strong enzymatic catalyst called 
carbonic anhydrase has been suggested to accelerate the rate of CO2 hydration to improve 
the overall carbon mineralization rate (Favre et al. 2009). 
Inherently, ex-situ carbon mineralization is more flexible in tuning these reaction 
parameters to achieve an optimal conversion, particularly based on a pH swing method 
(Park et al. 2003; Park & Fan 2004; Sanna et al. 2012). For example, olivine dissolution 
is favored in the presence of oxalate, which binds to Mg in the mineral matrix and forms 
a Mg-oxalate complex that disrupts the Mg-O bond in the mineral matrix and favors its 
dissolution, as represented in Figure 2-1. As magnesium is progressively leached into the 
solution, a Si-rich, mass transfer limiting passivation is formed due to incongruent 
dissolution of olivine (Bearat et al. 2006; Daval et al. 2011; King et al. 2010). The 
formation of Si-rich layer on the olivine surface eventually limits the extent of olivine 
dissolution. The unreacted minerals are then separated from the liquid phase and the 
solution containing Mg is contacted with CO2 to form magnesium carbonates. A bubble 
column reactor is often used for this step. While the desired precipitate is anhydrous 
magnesium carbonate (MgCO3) with the highest Mg to C ratio and the lowest molecular 
weight, the formation of various magnesium carbonate phases such as magnesite 
(MgCO3), hydromagnesite (Mg5(CO3)4(OH)2·4H2O) and nesquehonite (MgCO3.3H2O) 
has been observed, depending on the temperature, partial pressure of CO2, pH and ionic 
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strength (Fricker & Park 2013; Hänchen et al. 2008; L. Zhao et al. 2010). Magnesite is 
favored at higher temperatures, while hydromagnesite and nesquehonite are favored at 
lower temperatures (Hänchen et al. 2008).  
As shown here, regardless of whether carbon storage occurs in-situ vs. ex-situ, it 
is to understand the kinetics and mechanisms of the CO2-mineral-water interactions at in-
situ and ex-situ conditions. Unfortunately, these data are still lacking and there are large 
discrepancies among the published data due to the large chemical and physical 
heterogeneities in minerals. Given these challenges, this study focused on the 
development of a better mineral sample preparation protocol as well as well-designed 
experimental and analytical systems that can provide both fast (surface reaction limited) 
and slow (mass transfer limited) kinetics of mineral dissolution and carbonation. More 
robust and accurate carbon analyses were also carried out to improve the estimation of 
carbon storage potential of the minerals and rocks being studied. This study also probes 
the effects of fine particles (< 5 μm) and weathering of minerals on the mineral reactivity, 
and the importance of correlating the morphological changes to each step of mineral 
carbonation process in order to shed light into the reaction mechanisms and potential 
implications in the stability of geologically stored CO2.  
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2.2. Experimental	  Methods	  
2.2.1. Materials	  and	  Their	  Characterizations	  
Twin Sisters olivine, Cedar Hill antigorite, sheet-like serpentine were procured 
from our collaborator at Albany Research Center (ARC). These minerals were ground 
and sieved to obtain a narrow particle size distribution (dp < 175 µm). A battery of 
analytical tools were used to characterize the minerals before and after reactions. A laser-
based particle sizer (Beckman Coulter, Inc., LS 13 320 MW) was used to determine the 
mean particle size and particle size distributions. Wavelength Dispersion X-Ray 
Fluorescence (WD-XRF, Pananalytical Axios) and X-Ray Diffraction (XRD 3000, Inel 
Inc.) in the range of 20o and 80o and CuKα radiation (λ = 1.5406 Å) were used to 
determine the chemical compositions and the crystalline structures of the mineral samples, 
respectively. The Loss of Ignition (LOI) test was performed to quantify the water content 
in the mineral samples. The BET technique (Quantachrome NovaWin BET Analyzer) 
was used to determine pore volume and surface area of the mineral samples, while the 
surface morphological features were determined using a Scanning Electron Microscopy 
(SEM, JEOL JSM 5600).  
Figure 2-2 shows the schematic of experimental designs used in this study and 
typical data that can be obtained from each experiment. Mineral dissolution and 
carbonate formation were first studied separately in order to investigate each involved 
reaction independently. The coupled reaction was also performed to mimic single-step or 
in-situ mineral carbonation studies. The development of the sample preparation protocol 
and the novel experimental design as well as the experimental findings associated with 
  18 
 
different experimental approaches contribute to the major part of this study, and thus, 
their detailed descriptions are given in the results and discussion section.  
 
2.2.2. Sample	  Preparation	  and	  Mineral	  Cleaning	  Protocol	  
Surface area available for reactions is one of the most important factors 
determining the rate and extent of reactions for a given mineral volume and reaction time. 
Unfortunately, most of the silicate minerals that are being studied for mineral carbonation 
are very low in specific surface area (e.g., 2-10 m2/g). Thus, in order to achieve a 
measurable extent of carbonation within a lab-scale time frame which is significantly less 
than a geologic time frame, most of the studies for in-situ carbonation are performed with 
ground mineral samples. Smaller the particle size, greater the surface area which in turn 
affects the extents of mineral dissolution and carbonation. Therefore, it is important to 
accurately characterize the particle size and surface area for the accurate estimation of the 
surface reaction rate of mineral dissolution. The smaller particle size was also important 
because minerals being studied here were chemically heterogeneous. In order to get a 
representative chemical composition of the mineral, the sample had to be ground and well 
mixed before collecting a small sample. 
While a smaller grain size is desired for the kinetic studies of mineral dissolution, 
it was also suggested that excessive grinding may disrupt the crystal structure of the 
mineral which in turn allows a significantly lower activation energy for the reaction 
(Gerdemann et al. 2007; O'Connor et al. 2004). Thus, fine particles with a higher surface 
area to volume ratio (< 5 µm) would result in an unusually high reaction rate due to a 
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large fraction of highly disordered surface crystal matrix. Therefore, in order to determine 
the true surface reaction rate of mineral dissolution, it was important to eliminate those 
fine particles that would lead to an overestimated mineral dissolution rate.  
To address this issue, a systematic mineral cleaning protocol was developed to 
prepare mineral samples for a better kinetic study that could be used for the prediction of 
in-situ and ex-situ mineral dissolution rates. The process of removing fine particles 
smaller than 5 μm was called “cleaning” and the mineral sample from which fines were 
removed was named as “cleaned mineral”. The sample containing fines was called “raw” 
or “uncleaned” mineral. Ground mineral samples were first dry sieved to exclude 
particles greater than 175 μm using a Model RX W.S. Tyler Portable Sieve Shaker. The 
collected mineral particles (< 175 µm) are then cleaned based on the mineral cleaning 
protocol in Figure 2-3.  
In this particular study, 25 g of the ground mineral was cleaned in each batch. 
They were first added to the 10 μm sieve along with deionized (D.I.) water. The sieve 
was then placed in an ultrasonic bath filled with D.I. water and shaken for five minutes. 
After five minutes, the particle size distribution of the cleaned mineral was obtained. If 
particles with diameter < 5 μm were present, then the cleaning process outlined above 
was repeated till fine particles < 5 μm were all removed. After the cleaning cycles were 
completed, the mineral samples were dried at 70 oC for 24 hours in a vacuum oven, 
which eliminates any potential reaction between cleaned minerals and air (e.g., CO2 in 
air). Drying mineral samples at temperatures greater than 70 oC may result in a change in 
chemical composition (e.g., dehydroxylation of hydroxide or calcination of carbonate 
phases).  
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Figure 2-4 shows the examples of the particle size distributions and chemical 
compositions of raw and cleaned mineral samples for the case of antigorite. As shown in 
Figure 2-4(a), cleaning ground antigorite using the protocol given in Figure 2-3 was 
effective in ensuring that particles smaller than 5 μm were removed in the cleaned sample. 
Importantly to note, the compositions of antigorite were unchanged before and after 
cleaning as represented in the XRD patterns in Figure 2-4(b). The mean particle 
diameters of uncleaned and cleaned antigorite were 23.6 μm and 45.7 μm, respectively. 
The absence of fine particles smaller than 5 μm in cleaned antigorite was also confirmed 
by SEM images as represented in the inset. As expected, removing fine particles also 
reduced the measured specific surface area by more than 50%, from 6.44 m2/g for 
uncleaned antigorite to 3.00 m2/g for cleaned antigorite. The pore volume also decreased 
from 0.024 ml/g to 0.011 ml/g after cleaning, while the mean pore diameter was 
unchanged at 4.16 nm.  
As illustrated here, the mineral cleaning protocol was able to prepare mineral 
samples for the kinetic studies with representative chemical composition and surface 
reactivity of the minerals. But during extensive preliminary experiments, another 
important factor that impacts the reactivity of the minerals was detected. Weathering of 
minerals can significantly reduce the reactivity of minerals and the extent of weathering 
does not need to be high to cause this effect. A few studies reported that aging minerals 
such as diopside (MgCaSi2O6) resulted in reducing the reactivity of this mineral 
(Eggleston et al. 1989). Anhydrous minerals such as olivine which was investigated for 
this study can also be weathered via hydration to form hydrous magnesium silicate phase 
(e.g., serpentine). The level of weathering was very small so that the XRD and TGA 
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results did not indicate any chemical changes of olivine. On the other hand, there were 
significant changes in the reactivity of olivine when the mineral sample was exposed to 
air for extended period of time. The formation of molecular level, thin layers of 
weathered phases on the surface of the minerals was able to inhibit surface reactions of 
the minerals. Table 2-1 summarizes the findings into five cases of olivine carbonation 
studies.   
Ground olivine was cleaned to remove fine particles smaller than 5 μm in 2010 
when the samples were originally procured from ARC. The samples were then stored in 
the lab for two years prior to the carbonation studies. First, the experiments were 
performed to reproduce the most widely cited data by the ARC group. At 185 oC and CO2 
partial pressure of 139 atm, the cleaned olivine and the fines collected during cleaning 
that were stored for two years were carbonated for 3 hours in 1.0 M NaCl + 0.64 M 
NaHCO3 with 15 wt% solid concentration while stirring at 800 rpm. Unfortunately the 
extents of olivine and fine olivine carbonation were only 1.5% and 15.1% respectively, 
which were alarmingly lower than 68% reported by the ARC group and other literature 
values on olivine carboantion (Chizmeshya et al. 2007; Gerdemann et al. 2007; O'Connor 
et al. 2004). Note that literature studies were mostly performed without removing fines. 
The experiment was repeated numerous times but the extent of olivine carbonation did 
not improve. Since even the fine olivine (< 5 µm) resulted in a very limited extent of 
carbonation, it was concluded that the size of olivine particle was not the major effect of 
this phenomenon. The XRD and TGA analyses did not show any change in chemical 
compositions for those olivine samples compared to the originally received materials 
from ARC.  
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The carbonation experiments were then repeated under the same reaction 
conditions with freshly ground olivine samples. The re-ground olivine samples were re-
sieved to get the same particle size and particle distributions as the old olivine and fine 
olivine samples used in the previous experiments. It was found that the extents of 
carbonation for freshly reground olivine with a particle size in the range of 10-90 μm and 
freshly collected olivine fines (< 20 µm) were 11.9% and 79.5%, respectively. 
Comparing the old and freshly ground olivine dissolution data, it was clear that the thin 
layer of partially serpentinized materials on the mineral surface strongly inhibited the 
reactivity of the minerals like olivine. This phenomenon was not observed for the old and 
freshly ground serpentine samples because serpentine is already hydrated form of olivine. 
The extents of carbonation of freshly ground and old serpentine were 15.5% and 14.1%, 
respectively, at the same experimental conditions as olivine carbonation studies. Finally, 
an experiment was performed using the freshly ground olivine without removing fines. 
The fraction of fines in uncleaned olivine was 90% (< 37 µm) and 70% (< 20 µm) and 
the extent of carbonation of this olivine sample was found to be 73.1%, which was 
closest to the literature values (O'Connor et al. 2004). 
Comparing the freshly ground olivine cases with the literatures values, it is 
evident that the particle size, particularly smaller than 20 µm, is significantly involved in 
mineral dissolution and carbonation. While the high extent of olivine carbonation 
provides a promising route to the development of ex-situ mineral carbonation technology 
for economic carbon storage, the kinetic and mechanistic studies performed using those 
fine mineral particles should be carefully discussed in order to avoid the overestimation 
of surface mineral dissolution rate and the underestimation of associated activation 
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energy. Thus, both carbonation studies of cleaned and uncleaned minerals should be 
performed in order to fully understand the CO2-mineral-water interactions and to develop 
an optimized carbon mineralization technology.  
 
2.2.3. Determination	   of	   Fast	   Mineral	   Dissolution	   Kinetics	   using	   a	  
Custom	  Differential	  Bed	  Reactor	  
In the past, most of the mineral carbonation studies were performed in a batch 
reactor regardless whether they were mineral- or solvent-limited cases. Batch reactors 
were often used to study mineral dissolution kinetics (Krevor & Lackner 2009; Van 
Essendelft & Schobert 2009b; Van Essendelft & Schobert 2009a) but a relatively long 
induction time (~ 40 min) is needed for these types of reactors to reach the reaction 
temperature and pressure, and pH and ionic strength are difficult to control. Others 
performed mineral dissolution experiments in a semi-batch mode where solid mineral 
was in a batch mode but the solvent phase was in a continuous mode. For example, 
constant stirred tank reactors (CSTR) (Hänchen et al. 2006; Prigiobbe et al. 2009), and 
mixed flow reactors (Dove & Crerar 1990) operated at steady state conditions helped 
avoid diffusion limited kinetics associated with packed bed reactors. However, in their 
cases, the resulting fluid had low concentrations of dissolved species (e.g., Mg) per unit 
volume causing the difficulty of sample analysis with the given detection limit. Fluidized 
bed reactors have also been used to study mineral dissolution behaviors (Chou & Wollast 
1985; Park et al. 2003). The fluidized bed design allowed an interesting in-situ grinding 
option(Park & Fan 2004), but it also did not allow the fast kinetic measurements like for 
the batch CSTRs. Any batch type of reactors would undergo an in-situ pH swing as the 
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basic mineral dissolves into acidic or neutral solvent. Thus, in order to avoid the pH 
changes during the kinetic measurements, the strong buffer should have been used 
(Gadikota et al. 2013).   
To address these issues, a differential bed reactor was proposed to investigate 
mineral dissolution kinetics where the concentration gradients across the thin mineral bed 
were minimized unlike in a packed bed, since the fluid residence time in the bed was 
short and the reacting species were not significantly depleted across the bed length. With 
respect to mineral dissolution studies, pH buffering was not required since fresh solution 
was always in contact with the mineral which allowed for the accurate determination of 
surface reaction kinetics and mechanisms. Flow rates were set at 20 – 30 ml/min where 
the radial and axial dispersions were minimized based on tracer tests. Unlike most batch 
reactor systems, only short equilibration time was required prior to collecting the liquid 
samples. Given the absence of time lag in the operation of the differential bed reactor, 
mineral dissolution rates in the range of a few seconds to days could be determined using 
this set-up. Therefore, as illustrated in Figure 2-2(a), it was possible to determine mineral 
dissolution kinetics and mechanisms for both regimes of surface reaction dominated and 
subsequent mass transfer limited regimes. As discussed earlier, the mass transfer 
limitation of mineral dissolution is caused by the formation of a silica passivation layer 
during incongruent dissolution of minerals (Chizmeshya et al. 2007; Daval et al. 2011; 
King et al. 2010).  
Figure 2-5 shows the photo and schematic of the differential bed system 
developed for this study. Solutions of the desired composition were delivered to the 
reactor using an HPLC pump. The pressure in the system was controlled using a 
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backpressure regulator and inert nitrogen as the pressure control gas (Equilibar, Fletcher, 
NC). The back pressure regulator provided consistent control over a wide range of fluid 
flow rates, had a low internal volume to minimize solute dispersion, and could be used 
from 0.5 to 30 MPa. The reactor bed (Millipore, Billerica, MA) was built using a 
stainless steel high-pressure filter holder with a 47 mm bed diameter. The mineral sample 
was deposited between two Teflon filter elements and enclosed in the filter holder. Four 
cylindrical band heaters sandwiching 2 m of 316SS 1/8” O.D. tubing against an 
aluminum tube was used as a continuous flow heater for the reaction fluid. In addition, 
another band heater was wrapped around the differential bed to maintain the reaction 
temperature. PID controllers were used on both of the temperature heating elements to 
maintain steady temperatures. Rapid quenching of the reaction fluid back to room 
temperature was performed by a 1 m loop of 316SS 1/8” O.D. tubing immersed in the 
cooling fluid of a recirculating water bath set to 15 °C. After the solution passed through 
the backpressure regulator, liquid samples were taken at specified intervals using a Foxy 
R1 sample collector (Teledyne ISCO, Lincoln, NE). The highest sampling interval was 4 
seconds and each kinetic test was designed so that the sampling rate was decreased in a 
systematic manner as the mineral dissolution slowed down due to the formation of Si-rich 
passivation layer. The liquid samples were collected into sample tubes containing 2% 
nitric acid to prevent any possible precipitations. Each sample was then diluted for the 
elemental analysis (e.g., Mg, Si, Fe and Ca) using Inductively Coupled Plasma-Atomic 
Emission Spectroscopy (ICP-AES, HORIBA Jobin Yvon, Edison, NJ).  
Using the differential bed reactor, antigorite dissolution studies were performed at 
75 oC in 0.1 M Na-oxalate solvent with and without fines (< 5 µm) and the results are 
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shown in Figure 2-6. The solvent containing oxalate was used in this study since 
chelating agents such as oxalate and acetate can bound to the Mg or Ca in the mineral 
matrix and facilitate their dissolution (Krevor & Lackner 2009; Park et al. 2003; 
Pokrovsky et al. 2005; Wogelius & Walther 1991; H. Zhao et al. 2013). The optimal 
chelating agent would be one with a sufficient affinity towards Mg or Ca and high 
solubility of Mg- and Ca-complexes, while weak enough to release Mg and Ca during the 
carbonation reaction. In other words, the chemical additives should enhance the mineral 
dissolution but do not interfere with subsequent formation of Mg and Ca carbonates. The 
extent of Mg dissolution from antigorite confirmed the hypothesis of lowered activation 
energy at the highly disordered surface of finely ground minerals. As shown in Figure 
2-6(a), the initial extent of Mg dissolution was significantly higher for the fine olivine (< 
5 µm) case and as the antigorite dissolution proceeded and the rates of mineral 
dissolution became very similar to each other. This indicates that the initial dissolution 
rates were dominated by the surface reaction and after 5 minutes the mineral dissolution 
moved onto the mass transfer regime as the Si-rich passivation layer formed. This 
phenomenon is illustrated in terms of the reaction mechanisms in Figure 2-6(b). At the 
initial stage of antigorite dissolution, the Mg:Si was orders of magnitude high, 
particularly for the fine olivine case, indicating accelerated incongruent dissolution of 
antigorite. As the reaction rate slowed down due to the mass transfer limitation, the 
antigorite dissolution became congruent and the Mg:Si curves for, with and without fine 
cases collapsed onto each other approaching the stoichiometric Mg:Si value of 1.4 for the 
congruent dissolution of antigorite. Another interesting feature was that the slopes of the 
extents of dissolution over time were considerably different initially, but as the 
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passivation layer continued to build, the slope were very similar (Figure 2-6(a)). This 
illustrates that samples containing fines dissolve at a different rate initially but as the 
passivation layer builds, dissolution rates may be similar. These findings suggest that the 
removal of fines and a well-characterized, narrow particle size distribution would be 
essential for comparing mineral dissolution kinetics across different studies.  
 
2.2.4. Design	  of	  Differential	  Bed	  Reactor	  
The goal of developing the differential bed reactor was to create a reactor system 
that could provide highly accurate kinetic measurements under precisely controlled 
experimental conditions. While a number of researchers have studied the dissolution rates 
of ultramafic minerals, most have used conventional reactor systems that do not have the 
desired combination of experimental control and range. For example, while batch 
reactors have a large range of experimental conditions over which they can operate, when 
used for kinetic measurements they do not have the temporal resolution or accurate 
enough control over the solution composition. Differential bed reactors, on the other hand, 
have a number of features that make them attractive for mineral dissolution. In general, 
the fluid residence time in the bed is short compared to the reaction rate, ensuring the 
liquid properties are constant across the bed and that the reacting species do not change 
appreciably over the length of the bed. In the case of mineral dissolution, this short 
residence time ensures a constant pH across the bed. 
This chapter will begin with a summary of the design criteria of the differential 
bed system, followed by an overview of the final layout of the system. The following 
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sections go into further details on various areas of the reactor system, including sampling 
strategy, bed construction, temperature control, and finally proof of concept testing.  
The design criteria that guided the construction of the differential bed system are 
shown in Table 2-4, and a block flow diagram and control strategy is shown in Figure 2-7. 
The system begins with two fluid reservoirs – the first containing DI water, the other 
containing the testing fluid of interest – feeding into a three-way solenoid valve (Cole 
Parmer, Vernon Hills, Il). The selected fluid is delivered to the system using an HPLC 
pump (GenTech, Arcade, NY), before flowing past a rupture disk (Swagelok, Solon, OH) 
and then being heated to the desired temperature in a custom made electrical flow heater. 
The heater consists of four ceramic band heaters (Mcmaster Carr, Robbinsville, NJ) that 
hold 2m of 1/16” OD 316SS tubing onto an aluminum support pipe. A six-port solenoid 
valve (Vici Valco, Houston, TX) directs fluid flow, selecting the path during start up and 
operation of the system. The mineral sample of interest is encapsulated between two 0.5 
um pore PTFE filters mounted in a stainless steel filter holder (Millipore, Billerica, MA). 
The result is a 2.5 cm diameter by ~1 mm thick bed of mineral powder. The bed is 
temperature controlled using a ceramic band heater (Mcmaster Carr, Robbinsville, NJ), 
surface mount RTD and a PID controller (Omega, Stamford, CT). After returning to the 
switching valve, the fluid enters a custom made cooling coil connected to a circulating 
water bath (Fisher Scientific, Pittsburgh, PA) and is cooled to room temperature. A 
backpressure regulator (Equilibar, Fletcher, NC) maintains constant pressure in the 
system. Finally, the effluent is passed though a fraction collector (Teledyne ISCO, 
Lincoln, NB) for timed sample collection. The timing of sample collection, valve 
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switching, and feedback temperature control to the flow heater are all coordinated by a 
custom designed Labview (National Instruments, Austin, TX) program. 
 
2.2.4.1. Sampling	  Strategy	  	  
The objective of the differential bed design was to create a reactor that collects the 
most accurate and reproducible data possible, while retaining operational flexibility. The 
complete characterization of mineral dissolution requires accurate measurements at short 
times, immediately after contact with the mobile phase, in addition to measurements long 
after the resistance layer has formed. To achieve these aims, two sampling options were 
evaluated: high-pressure and temperature sampling immediately after contacting, and low 
pressure and temperature sampling with cooling and depressurization steps after 
contacting. A block flow diagram illustrating these options is shown in Figure 2-8. 
Option 1 involves sampling the reactor effluent at high temperature and pressure, 
immediately after the liquid comes into contact with the mineral. Option 2 involves 
cooling the reactor effluent and depressurizing it before sampling. 
The sampling layout selection was based on the following criteria: 
1. Continuity of flow path: Since the pump that was used in the reactor was a 
reciprocating, positive displacement pump and the fluid was essentially 
incompressible, arrangements that cut off the flow path to the backpressure 
regulator would cause pressure spikes and discontinuities in flow rate. Option 1 
would divert flow into a dead-end vessel during each sample, causing a drop and 
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subsequent spike in pressure, while Option 2 would flow continuously at a 
constant pressure. 
2. Potential for dispersion before sampling: The flow path between the end of the 
differential bed and the sampling element was analyzed to estimate the degree of 
back-mixing that would occur in the system. At high temperature, the flow is 
turbulent, effectively minimizing the velocity difference between the centerline 
and flow near the wall.(Levenspiel	  1999) Because of this, the high temperature 
system could have less dispersion, but the added effect of the sampling hardware 
is difficult to predict. Conversely, the low temperature option involves some flow 
under laminar conditions, increasing the dispersion. Heat transfer calculations 
indicated that the solution could be cooled to room temperature a temperature-
controlled bath, and the remaining path before the fraction collector could be 
minimized to less than 0.5m of tubing. It is expected that while the low-
temperature option is not as attractive in this criteria, it can be optimized to 
minimize dispersion. 
3. Sampling rate and flexibility: The low temperature option can collect upwards of 
a hundred samples per run with highly flexible timing. Clearly, this is superior to 
the high-temperature option. 
4. Turn around time: After a dissolution experiment is complete using the high 
temperature system, the sampling vessels would have to be allowed to cool to 
room temperature and then the sample would be extracted. This cooling time, 
along with the rinsing and evacuation of the sampling vessels will limit the 
productivity of the reactor to, at most, two runs per day.  The low-temperature 
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option requires far less work to start and stop a reaction, and there is very little 
turn around time since the samples are already prepared for ICP analysis. 
Based on this analysis, the low temperature sampling option was the clear choice. 
The only thing that remained to confirm, was whether or not the dispersion in the flow 
path after the reactor bed would be too high for rapid sampling. Tracer injections were 
performed to measure the residence time distribution. The goal was to be able to measure 
at least five data points in the first minute of testing, with each being separated 
sufficiently from the other. Thus, each injection required a maximum width of less than 
0.2 minutes, corresponding to a variance (σ2) less than 0.01 min2. 
The residence time distribution (RTD) of the reactor bed was measured by 
injecting a tracer salt solution into the reactor bed at the surface of the sample filter.  This 
salt solution was measured using a conductivity probe mounted in the solution outlet, 
where the fraction collector would normally be located. From the RTD data, the mean 
residence time and variance were calculated numerically. Three runs were performed at 
each flow rate, and the average mean residence time and variance are plotted in Figure 
2-9. It was found that the variance is below 0.01 for flow rates equal to and above 30 
ml/min.  Thus, when attempting to measure up to 5 samples per minute, the flow rate was 
expected to be higher than 30 ml/min.  
 
2.2.4.2. Temperature	  Control	  Strategy	  
One challenge during the initial testing of the differential bed reactor was 
controlling the temperature of the fluid at the inlet to the bed. Originally, it was assumed 
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that matching the temperature of the flow heater to the bed set point would be sufficient 
for maintaining a consistent inlet temperature, however this is not the case. The solution 
to this problem was to introduce a cascade feedback control system to adjust the set-point 
temperature of the flow heater (SP1 in Figure 2-7) based on the inlet temperature at the 
bed (TT02 in Figure 2-7). This cascade control loop resulted in a significant improvement 
in the temperature control at the bed inlet, as seen in Figure 2-10.  
The cascade control loop provided a much wider range of operating conditions 
because it allowed the differential bed reactor to adapt changes in both operating and 
environmental variables. During initial testing, it was found that the temperature 
difference between the inline flow heater and the bed (TT01 and TT02 in Figure 2-7, 
herein referred to as Delta-T) depended on a number of factors, including: solution 
composition, solution flow rate, bed set-point temperature, and laboratory temperature. A 
systematic evaluation of these variables was carried out, and it was found that Delta-T 
was a linear function of set point temperature and a second order function of flow rate 
(Figure 2-11).  
A linear least squares fit was used to model Delta-T with respect to set point 
temperature for each flow rate, and then the linear regression parameters (slope and 
intercept) were fit using a second order polynomial least squares with respect to flow rate. 
This compound regression allowed the labview control software to predict the operational 
Delta-T and set the heater to this set point during system startup.  
In addition, PID parameters for both the heater temperature controller and the 
cascade loop were collected for two different flow rates, 10 and 50 ml/min. These 
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parameters were used to estimate, based on least squares regression, sufficient control 
parameters for the operational state of the system pre-run, and are then uploaded to the 
controller before commencing the run. This allows the system to control the inlet 
temperature to ~ +/- 2°C, with the greatest deviation at the start of the run, and highly 
accurate control after 1 minute. 
 
2.2.4.3. Proof	  of	  Concept	  Testing	  
The first tests performed with the DBR were intended to both develop an 
analytical procedure and investigate the possibility of transport limitations within the bed. 
A calibration curve was created for the inductively coupled plasma atomic emission 
spectrometer (ICP-AES). Seven runs were performed using a constant fluid flow rate, at 
flow rates from 5 to 50 ml/min. For many of these runs, the first 16 data points were 
outside the calibration range, so they were diluted 10-20x (Figure 2-12A). Molar reaction 
rates normalized according to available surface area, based on BET method. Error bars 
indicate 95% confidence limits determined from 3 different emission lines for each 
element. All measurements performed on ~1.00g SW Oregon Antigorite, using 2% 
HNO3 at 30°C. 
If transport limitations exist, such as diffusion across a liquid boundary layer at 
the particle surface, one would expect the reaction rate to change with flow rate. A two-
way ANOVA performed on the data in Figure 2-12A indicated that both time and run 
number had significant effects on the measured reaction rate. However, a point-by-point 
analysis illustrated that most of the run-to-run variability occurred before 4 minutes, and 
the data was indistinguishable (P>0.05) at later times for both the magnesium and silicon 
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dissolution rate. Since the data converged on a constant dissolution rate with over an 
order of magnitude change in flow rate, it is unlikely that there are any transport 
limitations in the bed.  This also implies that the reactor can be operated at any flow rate 
within the range tested with minimal effects on the measured reaction rate.  
It was suspected that the early variability in the data, which also existed between 
the three runs performed at 10 ml/min, was due to variations in the pipette dilutions 
performed before analysis. As was noted above, the data showed the most variability 
before 4 minutes, which is also when the first 16 data points were taken (4 samples per 
minute for 4 minutes). Implementing a variable flow rate program tested this hypothesis. 
Solution flow started at 50 ml/min, and was lowered to 10 ml/min after 4 minutes (Figure 
2-12B). The samples were analyzed on the same calibration as the constant flow rate 
samples. A two-way ANOVA indicated no effect of run number on the magnesium flow 
rate data set, but the run number still affected the silicon data. A point-by-point post 
analysis was performed again, and run number only affected the first three data points. 
These results indicate that the reactor operation is highly reproducible after 0.625s. In 
addition, it is likely the variability over the initial points is due to sample wetting and 
flushing of the reactor during startup. Since we are mainly concerned with the longer 
time operation of the reactor, when a passivation layer has formed, these early variations 
are not expected to have any appreciable effect on data collection in the future.  
 
2.2.5. Formation	  of	  Different	  Mineral	  Carbonate	  Phases	  	  
The Mg in the aqueous phase form mineral carbonates as the solvent containing 
dissolved Mg is contacted with CO2 or CO2 saturated fluid. As given in Reaction 6, the 
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mineral carbonation process is often assumed to produce only magnesite which is the 
anhydrous form of magnesium carbonate. However, different Mg-carbonate species can 
be produced depending on the reaction temperature (Hänchen et al. 2008; L. Zhao et al. 
2010) and the type of seeds added to the system. Various carbonation studies also showed 
that other parameters such as reaction temperature, pH, partial pressure of CO2, length of 
reaction time, and ionic strength impact the kinetics and the morphological structure of 
the precipitated calcium or magnesium carbonates (Hänchen et al. 2008; L. Zhao et al. 
2010; H. Zhao et al. 2013).   
The rate of carbonate formation from the dissolved Mg can be determined based 
on the decrease in the Mg concentration as a function of time. If the Mg concentration is 
low or the mineral dissolution is the rate limiting step in a single-step mineral carbonation 
scheme, this approach will be adequate. However, this method would not work if the Mg 
concentration is high and the overall carbonation reaction is limited by the low solubility 
of CO2 in water. Therefore, a reactor scheme with maximum gas-liquid mass transfer 
should be adapted for mineral carbonation studies.  
In this study, a bubble column reactor with 5.08 cm was constructed such that 
CO2 is directly bubbled into a Mg-rich solution. The gas distributor at the bottom of the 
column was made from a 1/8" thick sheet of PTFE, with custom laser-cut 0.05 mm 
diameter holes for gas flow. As shown in Figure 2-13, N2 and CO2 were mixed in a 1:1 
ratio using two mass flow controllers, and prior to introducing the gas into the column; it 
was heated to the reaction temperature and saturated with water. Temperature control 
within the bubble column was achieved using a loop of 1/8" stainless steel tube fed by a 
water circulation bath. Experiments were performed by first allowing the solution and gas 
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to come to equilibrium, and then injecting the desired amount of dissolved Mg. The 
dissolved Mg concentration was tracked by taking liquid samples and filtering them in a 
0.2 µm filter. From this filtered liquid, a known volume was diluted into 2% nitric acid, 
and then analyzed using ICP-AES. Once the reaction was completed, the final solid 
products were collected and analyzed using XRD and SEM.  
Experiments to explore the precipitation kinetics of magnesium carbonates from a 
Mg-containing solution were performed at 75 °C and ambient pressure (PCO2 = 0.5 atm). 
As expected, the precipitation was initially very rapid, with most of the change in 
dissolved Mg concentration occurring in the first 5 minutes due to the highest driving 
force of Mg concentration (Figure 2-14). After a very short induction period, the 
nucleation of precipitated phase was visibly observed. These results illustrate the 
importance of maintaining fast mineral dissolution kinetics in order to carry out effective 
direct mineral conversion to carbonates in a timely manner.  
In addition to the carbonation kinetics, it is important to investigate the types of 
mineral carbonate species formed. In the case of magnesium carbonates, increasing the 
temperature disrupted the water or hydroxyl molecules bounded to meta-stable 
nesquehonite or hydromagnesite and favored the conversion to magnesite (Hänchen et al. 
2008). The SEM image given in Figure 2-14 (the inset) shows the formation of 
hydromagnesite, which is evidenced by a rosette shape. Increasing the ionic strength by 
adding salts reduced the activity of water, which in turn favored the formation of 
magnesite (Hänchen et al. 2008). While increasing the partial pressure of CO2 favors 
dissolution of CO2 in water and reducing the system pH, higher concentration of 
carbonate ions is favored at higher pH (i.e., greater than 6). Greater availability of 
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carbonate ions and the resulting ionic strength also favor magnesite formation. Therefore, 
in order to achieve the maximum Mg to C ratio during carbon storage and to minimize 
the weight of the carbonated solids for transportation, it may be desired to optimize the 
reaction conditions to produce anhydrous MgCO3 (e.g., high reaction temperature). 
However, this hypothesis should be discussed in terms of the overall life cycle analysis 
based on the energy requirement for the developed carbonation technology. 
 
2.2.6. Enzyme	  Half-­‐Life	  Measurement	  System	  
Carbonic anhydrase is a common biological catalyst found throughout 
nature.(Smith	  &	  Ferry	  2000) The primary function of carbonic anhydrase is to catalyze 
the reaction of CO2 with water, according to the mechanism shown in Equation 
2-1.(Gibbons	  &	  Edsall	  1963;	  Silverman	  &	  Lindskog	  1988) It has been suggested that 
this catalyst could be useful in accelerating the capture and precipitation of CO2 in 
industrial processes, and as a result many researchers are investigating it for the purpose 
of enhancing carbon capture processes.(Savile	  &	  Lalonde	  2011)  
 
Equation 2-1 
When using biological catalysts in an industrial process, one of the most 
important parameters is the stability of the enzyme. Along with the enzyme activity, the 
enzyme stability sets a lower limit on the rate at which a process will consume the 
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enzyme. The stability depends heavily on the process conditions, for example 
temperature, pressure, solvent, and pH.  
Measuring the stability of enzymes such as carbonic anhydrase is challenging, and 
required the development of a new technique. The measurement is difficult because the 
substrate that it acts on is a sparingly soluble gas, while conventional assays for enzyme 
stability require an excess of substrate in solution. These conventional assays generally 
start with a vast excess of substrate and a very small amount of enzyme. The reaction is 
allowed to proceed until the enzyme activity reaches half of the original activity, and that 
point is referred to as the enzyme half-life. The half life can be defined by a number of 
parameters summarizing the experiment, such as the time required, the number of 
substrate molecules turned over. This process is relatively straight forward for dissolved 
substrates with a significant solubility, but does not work for a sparingly soluble substrate 
such as CO2. 
The apparatus shown in Figure 2-15 was designed to measure the stability of 
carbonic anhydrase. The system takes advantage of the facts that CO2 is an acidic gas, 
and that the reaction of CO2 with water is reversible. When CO2 dissolves into solution 
and reacts with water, the carbonic acid produced lowers the pH of the solution. This 
change in pH is monitored in real time, and when it reaches a lower bound, the system 
changes to bubbling N2 gas through the solution to desorb the CO2. This alternating of 
acidic and neutral gas generates a cycling in pH that can be monitored over time.  
Figure 2-16 illustrates the data that the half-life measurement system collects. On 
the left panel, the cycling of pH over time is shown. During the upswing portion of the 
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curves N2 is purging CO2 from the solution, while during the downswing the solution is 
adsorbing CO2. While this data is being collected, the time required for the downswing 
portion of the cycle is calculated, as shown on the right. It is clear that, in the absence of a 
catalyst the downswing period is relatively stable over many hours. However, when a 
small amount of Bovine Carbonic Anhydrase is added, the adsorption rate is increased. 
Over time, the enzyme activity decays to zero and the period returns to the initial value.  
 
2.3. Data	  Analysis	  
2.3.1. Coupled	  Mineral	  Dissolution	  and	  Carbonation	  Scheme	  
Conventionally, a fixed bed reactor with a mounted rock core has been used to 
study in-situ mineral carbonation under geologic conditions. Unfortunately, the reaction 
rate of core rocks is not sufficient for the kinetic studies. Depending on the chemistry and 
crystal structure of the minerals, carbonation can occur over the period of months to years. 
Thus, many research groups have adapted a batch reactor with ground mineral to mimic 
in-situ conditions and to determine the kinetic behaviors of the coupled mineral 
dissolution and carbonation reactions (Chizmeshya et al. 2007; Gerdemann et al. 2007; 
Munz et al. 2012; O'Connor et al. 2004). The use of ground minerals rather than core 
rocks allowed faster conversion to mineral carbonates by minimizing the mass transfer 
limitations and the use of CSTR ensured that the sample was continuously mixed to 
minimize concentration and temperature gradients during the reaction.  
The experimental setup used in this study is shown in Figure 2-17. The high 
temperature, high pressure batch reactor was connected to a 500D Teledyne Isco syringe 
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pump to deliver high partial pressure of CO2 up to 200 atm to the batch reactor. Studies 
had shown that 15 wt % slurry was optimal for a single-step mineral carbonation 
(Chizmeshya et al. 2007; Gerdemann et al. 2007; O'Connor et al. 2004). A slurry of 
mineral and reaction fluid in a hastelloy liner was placed in the reactor and sealed. Once 
the temperature set-point was reached, the reactor was pressurized to the specified 
pressure with CO2, which marked the start of the experiment. Once the experiment 
reached the end of the specified reaction time, the reactor temperature was cooled and 
both solid and liquid samples were collected. For a slurry of about 50 ml, a stirring rate of 
800 rpm was determined to be sufficient to provide effective mixing without bulk mass 
transfer limitation.   
Direct carbonation of antigorite was performed while investigating the effect of 
different chemical additives: oxalate which is known to enhance the antigorite dissolution 
and the mixture of 1.0 M NaCl and 0.64 M NaHCO3 which mimics the buffered brine 
solution. The Na-salt form of oxalate was used to minimize the pH difference in each 
case. The experiments were performed at 185 oC and PCO2 = 139 atm for a reaction time 
of 1 hour. The reacted mineral samples were analyzed using Thermogravimetric Analysis 
(TGA), and Total Inorganic Carbon (TIC) and Total Carbon (TC) analyses to determine 
the extent of antigorite carbonation. It was interesting to note that the extents of 
carbonation determined using TGA and TIC methods were consistent while the TC 
approach resulted in higher estimates (Figure 2-18). For the discussion of the single-step 
antigorite carbonation study, only TIC results are discussed and the detailed discussion 
on the causes of discrepancies between different analytical techniques, is discussed in the 
next section. 
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As shown in Figure 2-18, the addition of oxalate and 1.0 M NaCl and 0.64 M 
NaHCO3 led to greater overall carbonation of antigorite. It was anticipated that oxalate 
which is known to effectively facilitate mineral dissolution (Krevor & Lackner 2009; 
Park et al. 2003; Pokrovsky et al. 2005; Wogelius & Walther 1991; H. Zhao et al. 2013) 
by binding to Mg in the mineral matrix to form soluble Mg-oxalate will have a greater 
impact on the overall antigorite carbonation. However, it was found that a simple solvent 
containing 1.0 M NaCl and 0.64 M NaHCO3 performed even better than oxalate solution 
(comparing the TIC data for both cases).  The role of NaCl and NaHCO3 in the 
carbonation of magnesium silicate minerals has already been speculated upon by a 
number of groups. Chloride has a weak chelating effect on dissolution of Mg-based 
minerals (O'Connor et al. 2004), while the presence of 0.64 M NaHCO3 was found to be a 
very effective in facilitating mineral carbonation since it buffers the pH of the solution 
and is a carbon carrier (Gadikota et al. 2013). The concentrations of NaCl and NaHCO3 
were selected based on their maximum solubilities in water at 25 oC (Gerdemann et al. 
2007; O'Connor et al. 2004), and due to the significantly lower solubility of Na-oxalate, 
only 0.1 M Na-oxalate solution was used for the oxalate case. The experimental findings 
(TIC and TGA data) suggest that for the coupled mineral dissolution and carbonation 
scheme, the rate limiting step may be the formation of mineral carbonates which are 
strong functions of the pH and carbonate ion concentration (Saldi et al. 2012).  Thus, 
further optimization of a single-step mineral carbonation should involve the use of both 
Mg-targeting chelating agents and carbonate buffers.  
 
  42 
 
2.3.2. Estimation	  of	  Extents	  of	  Mineral	  Carbonation	  
As shown in Figure 2-18, there are many different approaches to determine the 
extent of mineral carbonation ranging from a simple method of the overall weight change 
to detailed Thermogravimetric Analysis (TGA), Total Carbon Analysis (TCA) and Total 
Inorganic Carbon Analysis (TIC). The detailed description and the method of deriving 
the extent of mineral carbonation from the raw data are given in Table 2-3 for each 
approach.  
The differences among TGA, TCA and TIC methods can be illustrated by 
comparing the results of antigorite carbonation given in Figure 2-18. The TGA analysis 
of antigorite reacted in 0.1 M Na-oxalate was complicated by the chemical heterogeneity 
of carbonated antigorite sample, which contained magnesite and unreacted antigorite as 
well as glushinskite, Mg(C2O4).2H2O, which formed due to its relatively low solubility. 
Reactions 9 and 10 represent the thermal decompositions of glushinskite (Frost et al. 
2004), where  occur at 148 oC and 397 oC with theoretical weight losses of 24.3% and 
48.5%, respectively (Frost et al. 2004). 
 𝑀𝑀𝑀𝑀 𝐶𝐶𝑂𝑂 . 2𝐻𝐻𝑂𝑂()   → 𝑀𝑀𝑀𝑀𝐶𝐶𝑂𝑂() +   2𝐻𝐻𝑂𝑂()      (Rx. 9) 
 𝑀𝑀𝑀𝑀𝐶𝐶𝑂𝑂()   → 𝑀𝑀𝑀𝑀𝑂𝑂()   +   𝐶𝐶𝐶𝐶()   +   𝐶𝐶𝑂𝑂()                (Rx. 10) 
The second thermal decomposition of glushinskite occurs at 397 oC, which 
coincides with the calcination of magnesite in the range of 300 - 450 oC. Therefore, using 
TGA it was challenging to estimate the carbon content in the carbonated antigorite 
sample which also contained glushinskite. For the same reason, the use of the overall 
weight change was the most inaccurate way of determining the extent of mineral 
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carbonation although it was most widely used in earlier studies. The overall weight 
change cannot even be able to distinguish the weight gains by the formation of Mg 
carbonate phases with different hydration levels (e.g., nesquehonite, hydromagnesite and 
magnesite). 
Unlike the TGA method, TIC and TC analyses directly measure the carbon 
content in the solid samples. Each of these methods also has its own challenges. The 
accuracy of TIC analysis depends on the complete digestion of carbonate samples (e.g., 
magnesite), which often occurs slowly. Therefore, the carbonated mineral is digested at 
temperatures as high as 75 oC in the presence of strong acids (e.g., perchloric acid) to 
accelerate the inorganic carbon analysis. On other hand, TCA which involves combusting 
the solid sample at temperatures as high as 1000 oC results in the complete conversion of 
all inorganic and organic content in the sample relatively fast. Thus, TCA provides faster 
analysis compared to TIC method, but, TCA cannot distinguish inorganic and organic 
carbons. Therefore, TCA is not a reliable method to analyze solid samples with mixed 
inorganic and organic carboneous materials (e.g., MgCO3 mixed with Mg(C2O4)2H2O as 
in antigorite carbonated in 0.1 M Na-oxalate solution). 
As shown in Figure 2-18, the estimated extents of carbonation of antigorite 
reacted in 0.1 M Na-oxalate were 9.22%, 8.73% and 17.62% for TGA, TIC analysis and 
TCA, respectively. In the presence of 1.0 M NaCl + 0.64 M NaHCO3, the extents of 
antigorite carbonation were estimated to be 14.9%, 14.4% and 17.1% using TGA, TIC 
analysis and TCA, respectively. In both cases, TGA and TIC analysis resulted in similar 
extents of antigorite carbonation, while TCA resulted in a higher estimation. As expected, 
the difference between TGA and TIC analysis results versus TCA result was greatest (~ 
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almost double) for the oxalate case due to the formation of glushinskite. The error 
associated with TCA results was slightly higher compared to the TGA and TIC data for 
both samples.  
In addition to the complications of analyzing samples containing various carbon-
containing phases, there has been a considerable uncertainty regarding the appropriate 
method for estimating the carbon storage potential of minerals and rocks. For example, 
the determination of the extent of antigorite carbonation required an understanding of all 
the species that could react with CO2 to form insoluble carbonates. The first step towards 






 → 𝑀𝑀 𝐶𝐶𝐶𝐶 

    ()                    (Rx. 11) 
where 𝑀𝑀  refers to all the metal oxide in the minerals and rocks that can react with 
CO2 to form metal carbonates. Then, the carbon storage potential of the mineral (in the 












  ×𝑀𝑀𝑀𝑀                            (Eq.1) 
𝑦𝑦   refers to the mass fraction of alkaline metal (m) in the mineral to form metal 
carbonate phases. WCO2 and Wmineral are weights of CO2 stored in the solid reaction 
products and the mineral before its carbonation, respectively. 𝑀𝑀𝑀𝑀  is the molecular 
weight and 

 refers to the stoichiometric coefficient of CO2 as represented in Reaction 1. 
The mass of CO2 that can be trapped in a unit mass of the unreacted mineral, 

  , is 
also often used as a measure of CO2 storage capacity of the mineral. Inversely, 𝑅𝑅 
refers to the amount of mineral needed to store a unit mass of CO2 (Gerdemann et al. 
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2007; O'Connor et al. 2004). The question is what alkaline metal species would be 
involved in carbonate formation during the interaction with CO2. Thermodynamically, 
there are many metals including Mg, Ca, Fe, Al, Mn, Na and K that could form 
carbonates. However, some of these carbonates would not be observed in reactor systems 
due to very slow kinetics (e.g., Al) or high solubility in water (e.g., Na and K). Na and K 
react with CO2 to form Na2CO3 and K2CO3 which are soluble carbonates. Since 
Na2CO3 and K2CO3 do not precipitate from solution at the given experimental 
conditions, their contribution towards CO2 storage as solid carbonates should be ignored. 
Others may also form alternate mineral phases via competing reactions before forming 
carbonates. Since MnO and Al2O3 constituted less than 1 wt% in olivine and antigorite, 
their contribution to carbon storage can also be ignored. Thus, in the actual estimation of 
carbon storage potential of minerals, particularly earth abundant olivine and serpentine, 
the metal species for carbonate formation should be down selected to Mg, Ca and Fe. 
















   ×𝑀𝑀𝑀𝑀              (Eq. 2) 
Iron (II) oxide is expected to react with CO2 to form siderite (FeCO3). However, 
the formation of siderite was reported to be challenged by the low solubility of iron oxide 
which may precipitate from the solution before siderite is formed. In fact, previous 
studies have already shown that iron oxide precipitated from the solution during the 
carbonation of silicate minerals in the absence of chelating agents (Gadikota et al. 2013; 
Gerdemann et al. 2007; King et al. 2010; O'Connor et al. 2004). As shown here, it is 
important to understand the chemistry of the mineral in interest to accurately estimate its 
carbon storage potential and further evaluate its extent of carbonation. 
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 In this study, the extents of antigorite carbonation were calculated 










  +   


     ×𝑀𝑀𝑀𝑀                            (Eq. 3) 
The yield or extent of carbonation, 𝑌𝑌, is defined as the amount of CO2 stored in 
the mineral as carbonate relative to the CO2 storage capacity of the mineral. As discussed 
earlier, there are a number of methods of quantifying the amount of CO2 stored in the 
mineral as carbonates: TGA, TCA and TIC methods. Thus, depending on the analytical 
method, a different expression of 𝑌𝑌 was developed. If a TGA method were used to 
analyze the carbonated solids, the following expression can be used for 𝑌𝑌.  
  𝑌𝑌, =
              
          
×100%  







     
×100%              (Eq. 4) 
where TGA represents the percent weight change of the carbonated solid at its 
calcination temperature. On the other hand, Eq. 5 can be used if a TCA were used for the 
solid analysis.  
  𝑌𝑌, =   𝑅𝑅×
.  ×  
     .×
×100%                  (Eq. 5) 
where TCA represents the weight fraction of carbon in the carbonated sample with 
a unit of     
      
. The coefficient 3.67 is introduced to Eq. 5 to account for 
the ratio of the molecular weights of CO2 to C. Finally, for the estimation of the yield or 
extent of carbonation for minerals using TIC analysis, the following equation can be used.  
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𝑌𝑌, =   𝑅𝑅×
.  ×  
     .×
×100%     (Eq. 6) 
As illustrated here, minerals with high chemical heterogeneity are difficult to 
study and analyze. Thus, it would be important to carefully select the appropriate 
analytical method and the assumptions for estimating carbons storage potential and extent 
of carbonation.  
 
2.3.3. Investigation	   of	   Chemical	   and	   Morphological	   Changes	   To	  
Minerals	  
The previous discussions were mostly focused on the kinetics and the extent of 
mineral carbonation. Those findings are very important information for designing ex-situ 
mineral carbonation processes and provide valuable insights into in-situ carbon storage in 
geologic formations. In addition to kinetic and carbonation yield data, additional 
chemical and morphological analyses of the reacted solid and liquid samples can be 
performed to shed light into the complex reaction mechanisms of carbon mineralization 
(Gadikota et al. 2013; Gadikota et al. 2014). The detailed chemical and structural studies 
are also important because significant morphological changes during mineral dissolution 
and carbonation in terms of surface area, pore diameter and particle size have 
implications on the volume changes, reaction mechanisms and safety of CO2 storage in 
geologic formations. As shown in Figure 2-19, there was a significant increase in surface 
area as antigorite was dissolved in the absence of CO2. For the single-step carbonation, 
the surface area changes would be even more complicated since the increase in surface 
area due to mineral dissolution would be competing with its reduction due to the 
carbonate growth as reported in our previous work (Gadikota et al. 2013; Gadikota et al. 
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2014). Either way, the changes in the surface area indicate the altered availability of 
reactive surface species. Therefore, the estimation of the surface reaction rate which is a 
function of the surface area would be strongly impacted. Thus, the mineral dissolution 
and carbonation studies should be performed in conjunction with in-depth chemical (in 
terms of mineralogy) and morphological studies. 
The formation of various types of mineral carbonates could be quantitatively and 
qualitatively assessed using X-Ray Diffraction (XRD) to support the results obtained 
using TGA, TCA and TIC analysis. Chemical analyses of the reaction fluid before and 
after the reaction were particularly useful in determining the overall material balance and 
the rate limiting step in a single-step mineral carbonation. The Mg concentration in the 
liquid samples collected throughout the carbonation study could show whether the 
reaction was performed how far from equilibrium. The morphological changes such as 
pore volume, particle size and surface area variations during mineral dissolution and 
carbonation can also provide interesting observations related to mineral dissolution and 
carbonation mechanisms. Changes in the pore volume and surface area of the mineral is 
characterized using BET, while changes in the particle diameter and particle size 
distribution is determined using a Particle Size Analyzer. Morphological and chemical 
changes are analyzed qualitatively and quantitatively using Scanning Electron 
Microscopy (SEM), Transmission Electron Microscopy (TEM) coupled with Energy-
Dispersive X-Ray Spectroscopy (EDS), and Wavelength Dispersive X-Ray Spectroscopy 
(WDS). WDS is particularly useful in determining the different phases of the mineral and 
types of mineral carbonates formed post-reaction. A careful correlation between the 
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kinetic data and the morphological changes would be essential for the comprehensive 
discussion of the complicated mineral carbonation process. 
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Table 2-1: Composition of Olivine and Antigorite 




MgO	   48.40	   40.50	  
CaO	   	  	  0.13	   	  	  0.14	  
Fe2O3	   	  	  9.20	   	  	  7.80	  
SiO2	   40.70	   37.10	  
Al2O3	   	  	  0.24	   	  	  0.40	  
Na2O	   	  	  0.05	   	  	  0.06	  
K2O	   <	  0.01	   	  	  0.02	  
TiO2	   <	  0.01	   	  	  0.02	  
P2O5	   <	  0.01	   <	  0.01	  
MnO	   	  	  0.12	   	  	  0.09	  
Cr2O3	   	  	  0.72	   	  	  0.47	  
V2O5	   <	  0.01	   <	  0.01	  
LOI%	   -­‐0.29	   	  13.10	  
*LOI: Loss of Ignition; Material is heated to 1000 
o
C until there is no change in the weight of the sample. 
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Table 2-2: Effect of weathering on olivine carbonation behavior. Experiments were 
performed at 185 oC, PCO2 = 139 atm in 1.0 M NaCl + 0.64 M NaHCO3 with 15 wt.% 
solid for a reaction time of 3 hours and a stirring rate of 800 rpm. Old samples were 
stored for two years. The old samples were freshly ground, sieved and reacted again at 
the end of two years. The extents of carbonation were reported assuming that Mg and Fe 




olivine	  sample	  	  
Slurry	  of	  old	  




Slurry	  of	  freshly	  
ground,	  
uncleaned	  olivine	  	  
Freshly	  ground,	  
uncleaned	  
olivine	  sample	  	  
Particle	  Size	  	   10	  –	  90	  μm	   <	  20	  μm	  	   10	  –	  90	  μm	   <	  20	  μm	   0.3-­‐92.0	  μm	  
Extent	  of	  
Carbonation	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Table 2-3: Comparison of Various Methods for Carbon Analysis 
Method	  of	  Analysis	   Characteristics	  
Thermogravimetric	  
Analysis	  (TGA)	  
Change	  in	  the	  weight	  of	  the	  sample	  is	  measured	  with	  change	  in	  temperature	  
over	  time	  
Can	  be	  used	  to	  distinguish	  between	  products	  based	  on	  decomposition	  
temperature	  
Challenging	  to	  estimate	  the	  extent	  of	  carbonation	  in	  materials	  with	  low	  content	  
and	  in	  samples	  with	  overlapping	  decomposition	  curves	  so	  estimation	  may	  be	  a	  
little	  arbitrary	  and	  requires	  confirmation	  with	  TIC	  or	  TCA	  
Total	  Carbon	  Analysis	  
(TCA)	  
Samples	  containing	  carbon	  are	  combusted	  in	  the	  presence	  of	  O2	  at	  
temperatures	  around	  1000	  oC	  such	  that	  all	  inorganic	  and	  organic	  carbon	  in	  
converted	  to	  CO2	  	  	  
Requires	  less	  analysis	  time	  compared	  to	  TGA	  or	  TIC	  
Essential	  to	  have	  a	  dry	  sample	  since	  %	  carbon	  is	  estimated	  on	  weight	  basis	  and	  
cannot	  be	  used	  to	  distinguish	  between	  product	  phases	  and	  organic	  or	  inorganic	  
carbon	  content	  
Total	  Inorganic	  Carbon	  
Analysis	  (TIC)	  
Samples	  containing	  inorganic	  carbon	  are	  titrated	  with	  a	  strong	  acid	  and	  the	  
evolved	  CO2	  is	  measured.	  In	  some	  cases	  the	  solution	  of	  acid	  and	  sample	  may	  
need	  to	  be	  heated	  to	  80	  oC	  to	  accelerate	  the	  release	  of	  CO2	  
The	  most	  reliable	  method	  for	  estimating	  CO2	  present	  in	  a	  material	  but	  requires	  a	  
very	  dry	  starting	  material	  as	  in	  TCA	  	  
Cannot	  be	  used	  to	  distinguish	  between	  different	  carbonate	  phases	  and	  
complete	  acid	  digestion	  of	  the	  mineral	  is	  slow	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Table 2-4: Reactor Design Criteria 
Parameter	   Desired	  Operating	  Range	   	  
Bed	  Temperature	   20-­‐200ºC	  
Bed	  Pressure	   >=15.3	  bar	  
(Prevent	  solution	  flashing)	  
Expected	  Mass	  of	  Mineral	  Sample	   0.01-­‐1	  g	  
Solution	  pH	   2-­‐10	  
Desired	  Number	  of	  Product	  Solution	  Samples	   >	  20	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Figure 2-1: Schematic representation of the effect of chelating agents (e.g., oxalate) on olivine 
dissolution, and the subsequent formation of various phases of magnesium carbonate. Magnesite 
(MgCO3) is favored at higher temperatures, while hydromagnesite (Mg5(CO3)4(OH)2·4H2O) and 
nesquehonite (MgCO3.3H2O) are favored at lower temperatures. 
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Formation of different carbonate 
phases depending on the 
reaction temperature
Enhanced with 
increasing pH, PCO2 and T 
as well as use of catalysts 
(e.g., carbonic anhydrase), 
carbonate buffer and seeds
Coupled Reaction
Simultaneous mineral dissolution & carbonation 
















Kinetics and corresponding 
morphological changes can be used 



























Mg- or Ca-rich solution
Enhanced with 
increasing T, 
lowering pH and use 
of chemical additives 
(e.g., chelating agents)
Mg- or Ca-rich solution
1
Overall kinetics can be tuned using the parameters given for each reaction step
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Figure 2-3: Protocol for the removal of fines smaller than 5 µm from minerals. 
 
  
Remove the cover of the sieve to obtain
a small amount of the sample to check
the particle size distribution. If, no fines
are found, proceed to the following step
otherwise repeat.
Place the cleaned mineral samples
in a vacuum oven at 70 oC for 24 hours






















Determine particle size distribution of the
sample; if no particles < 5 µm, proceed
directly to vacuum oven drying, otherwise
follow the steps listed below
Add minerals to a 10 µm sieve
Add deionized water to the sieve and 
seal the top
Place and shake the sieve containing
minerals in an ultrasonic bath filled with
deionized water for 5 minutes
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Figure 2-4: Characterization of antigorite before and after removal of fines < 5 µm (a) particle 
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Figure 2-5: Experimental apparatus for measuring the dissolution rate of magnesium bearing 
minerals. (A) A photo of the mineral bed during the set-up of an  experimental run. (B) Block 
flow diagram of the differential bed reactor system, illustrating maximum operating conditions at 
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Figure 2-6: Antigorite dissolution before and after removal of fines (a) extent of magnesium 
dissolution  (b) Mgaq : Siaq in antigorite with and without fines < 5 µm. Experiments were 
performed at 75 oC in 0.1 M Na-oxalate adjusted to pH = 3.0.  
(a)
(b)
Slopewof,1 = 0.23 % min-1
Slopewof,2= 0.24 % min-1
Slopewf,1 = 0.79 % min-1
Slopewf,1 = 0.95 % min-1
Mg: Si stoichiometric  ratio
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Figure 2-7: Block flow diagram for the differential bed reactor, including maximum operating 
conditions and control strategy. 
 
 
  61 
 
 
















































DBR Option 1: High Pressure and Temperature Liquid Sampling
DBR Option 2: Low Pressure and Temperature Liquid Sampling
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Figure 2-9: (a) Residence time distribution traces. (b) Residence time and variance of each 
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Figure 2-11: Differential Bed Delta-T as a function of setpoint temperature and flow rate. 
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Figure 2-12: Log-log plots of differential bed reactor testing. (a) Constant fluid flow-rate 
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Figure 2-14: Extent of the formation of magnesium carbonate as determined from the decreasing 
concentration of magnesium at 75 oC from a solution of magnesium chloride.  The inset 
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Figure 2-15: Apparatus for the measurement of enzyme half-life. (left) schematic of the gas and 
electrical layout of the system, (right) an image of the installed system. 
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Figure 2-16: Enzyme half-life measurement data illustrating the (left) change in pH over time as 
CO2 and N2 gases are cycled through a solution and (right) a comparison of the change in down-
swing period over time for a blank sample and a sample of BCA. 
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Figure 2-18: Comparison of the extents of antigorite carbonation using Thermogravimetric 
Analysis (TGA), Total Inorganic Carbon (TIC) and Total Carbon (TC) methods. Experiments 
were performed at 185 oC, PCO2 = 139 atm in 1.0 M NaCl + 0.64 M NaHCO3 for a reaction time 
of 1 hour with 15 wt% of solid and a stirring rate of 800 rpm. 
 
  
  72 
 
 
Figure 2-19: Unreacted antigorite (a) dissolved in 0.01 M Na-oxalate at pH = 3.5 resulted in 






5 µm 5 µm
(a) (b)
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Chapter	  3	  -­‐ Novel	   Chemical	   and	   Biological	   Catalytic	  
Enhancement	   of	   Silicate	   Mineral	   Weathering	   for	  
Combined	  Carbon	  Capture	  and	  Storage‡	  
 
3.1. Introduction	  
The Intergovernmental Panel on Climate Change has concluded that the 
accumulation of anthropogenic greenhouse gases such as carbon dioxide (CO2) poses a 
risk to global society (Stocker et al. 2013). In addition to climate change, CO2 could 
actively influence global ecosystems by lowering the pH and changing the prevailing 
chemistry of the ocean (Orr et al. 2005). To rebalance the global carbon cycle and reduce 
CO2 emissions, a wide range of adaptation strategies and new technologies should be 
developed, one of which is Carbon Capture, Utilization and Storage (CCUS). 
CCUS enables the use of fossil fuels, which are still important resources for the 
current energy infrastructure, while mitigating the associated CO2 emissions. Even with 
reductions in fossil fuel consumption, it will take significant time before atmospheric CO2 
                                                
 
‡ A version of this chapter is in preparation for submission as:  
Swanson, Edward J, Patrick V Brady, Scott Banta, and Ah-Hyung Alissa Park. 
“Chemical and Biological Catalytic Enhancement of Silicate Mineral Weathering for 
Combined Carbon Capture and Storage.”  
 
EJS Designed the experimental apparatus and procedure, collected the data, 
performed the data analysis and wrote the manuscript. 
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concentration is stabilized. Thus, the development and implementation of CCUS 
technologies are important for the foreseeable global energy landscape. 
At this time, CCUS technologies are thought to be uneconomical at large scale. 
The capture stage of the CCUS process, where CO2 is separated from other gaseous 
components, has been considered particularly energy intensive and expensive (Rubin et al. 
2012). Therefore, a transformative CO2 capture technology that has better solvent 
regeneration schemes, has been desired. In terms of CO2 storage, while most storage 
demonstration projects have operated without incident, the injection of high pressure CO2 
underground is challenged by potential risks ranging from CO2 leakage to earthquakes 
(Rinaldi & Rutqvist 2013; Boyd et al. 2013). 
An alternative to geologic storage of CO2 is mineral carbonation, or “mineral 
weathering”, which is a thermodynamically favorable exothermic reaction that converts 
gaseous CO2 into environmentally benign solid carbonates. For example, Mg-bearing 
silicate mineral, serpentine, weathers to magnesium carbonate and silica (R1) (Seifritz 
1990; Lackner et al. 1995). This reaction occurs spontaneously, albeit slowly, at ambient 
conditions, and constitutes a complete and permanent capture and storage process of 
atmospheric CO2 performed by the nature.  
 
Mg3Si2O5(OH)4(s) + 3CO2(g) à 2SiO2(s) + 3MgCO3(s) + 2H2O(l)     (R1) 
 
In order to perform this reaction at industrial scale, a number of research groups 
have explored mining and engineered aqueous carbonation of Mg-bearing minerals. Ex-
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situ mineral carbonation can be grouped into three categories. In the first, an ultramafic 
mineral can be reacted directly with high-pressure CO2 at high temperature (Gerdemann 
et al. 2007). A number of mineral pre-treatment options were also proposed to improve 
the overall carbonation extent of Mg-bearing minerals. Physical pre-treatments are only 
moderately effective at accelerating rates, and thermal treatments can be effective, but are 
highly energy intensive (Park & Fan 2004; Van Essendelft & Schobert 2010; McKelvy et 
al. 2004; Gerdemann et al. 2007). In the next, the “pH swing” approach extracts Mg at 
low pH and precipitates the magnesium carbonate at high pH (Park & Fan 2004). This 
two-step approach was benefits from the ability to individually optimize mineral 
dissolution and carbonation steps (Hänchen et al. 2007; Hänchen et al. 2006; Hänchen et 
al. 2008). Some have used ammonium bisulphate or sulphate as a recyclable acids and 
others used chelating agents targeting Mg in the mineral matrix to enhance the mineral 
dissolution rates, which was considered to be the rate limiting step (Lackner et al. 1997; 
Pundsack 1967; Fagerlund et al. 2010). Another version of the two-step process is the 
carbonation of Mg(OH)2 derived from the ultramafic mineral (Fricker & Park 2013). By 
producing CO2 capture sorbent from silicate minerals, this scheme provides multiple 
pathways for integrating CO2 storage into various energy conversion systems. For 
example, in-situ carbonation of Mg(OH)2 within a water-gas shift reactor would improve 
the hydrogen production from syngas while capturing and storage CO2 into mineral 
carbonates that do not need regeneration. Most of these studies were performed under 
high CO2 pressure conditions. 
Based on these challenges faced by CO2 capture and storage technologies, this 
study was proposed to investigate a novel carbon capture and storage concept that 
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directly captures and stores CO2 from flue gas. The overall schematic of the proposed 
combine CO2 capture and storage technology is given in Figure 3-1. By combining CO2 
capture and storage steps, the need for the energy intensive regeneration step of CO2 
capture solvent would be eliminated. In order to directly capture and carbonate CO2 into 
mineral carbonates within a single technology, further enhancements of mineral 
dissolution and carbonates rates at ambient pressure and at temperatures below 100 °C 
were needed. Therefore, this study specifically focused on a chemical and biological 
catalytic systems that can overcome the formation of Si-rich passivation layers at the 
mineral surface during mineral dissolution and the slow hydration of CO2 in aqueous 
phase.  
 
3.2. Experimental	  Methods	  
3.2.1. Mineral	  Characterization	  
The ground serpentine mineral used in this investigation was South West Oregon 
Lizardite (SWOL) obtained from our collaborator at Albany Research Center. Upon 
receipt, a narrow particle size distribution of the SWOL sample was selected for testing. 
The powder was first dry sieved to exclude particles greater than 175 μm . Next, the fine 
particles with a diameter less than 5 μm were removed using a wet sieving process. The 
particle size distribution of the cleaned mineral sample was measured using laser 
diffraction (Beckman Coulter, Danvers, MA). 
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3.2.2. Design	   of	   Custom	   Differential	   Bed	   Reactor	   for	   Fast	   Kinetic	  
Studies	  
Most of prior work measuring the mineral dissolution kinetics have been 
performed using a batch reactor system (Fouda,	  Amin	  &	  Mohamed	  1996a;	  Fouda,	  Amin	  
&	   Mohamed	   1996b;	   Krevor	   &	   Lackner	   2009;	   Teir,	   Revitzer,	   et	   al.	   2007b). While 
batch experiments can provide kinetic data important for the final reactor design, it does 
have a number of shortcomings: long induction period while heating up the reactor to a 
desired reaction temperature, difficulty of achieving rapid sampling rates at high pressure 
and temperature, pH shift during silicate mineral dissolution, and high ionic strength if 
the solvent is buffered. In order to overcome these limitations, a custom designed 
differential bed reactor system (DBR), shown in Figure 3-2, was developed.  
The DBR sample holder consisted of approximately 1 g of SWOL encapsulated 
between two 0.5 μm pore PTFE filters and mounted in a high-pressure stainless steel 
filter holder (Millipore, Billerica, MA) served as a DBR. By keeping the mineral bed as 
short as possible (~ 1 mm thick) and the solvent flow rate sufficiently high, the need for 
buffering the solvent was eliminated. The bed was temperature controlled using a 
ceramic band heater (Mcmaster Carr, Robbinsville, NJ), surface mount resitive 
temperature detector (RTD) and temperature controller (Omega, Stamford, CT). 
Incoming solution was also heated in a custom designed flow heater, the temperature of 
which was controlled via a cascade control loop based on a thermocouple located in the 
inlet to the mineral bed.  
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A 6-port switching valve (Vici Valco, Houston, TX), offered two paths for the 
solvent; one bypassed the mineral sample during start-up, and the other directed the 
solvent through the mineral bed. After returning to the switching valve, the fluid entered 
a custom made cooling coil connected to a circulating water bath (Fisher Scientific, 
Pittsburgh, PA) and was cooled to room temperature very quickly. A backpressure 
regulator (Equilibar, Fletcher, NC) maintained constant pressure in the system. Finally, 
the effluent was passed though a fraction collector (Teledyne ISCO, Lincoln, NB) for 
timed sample collection. The timing of sample collection, valve switching, and feedback 
temperature control to the flow heater are all coordinated by a custom designed Labview 
(National Instruments, Austin, TX) program. 
 
3.2.3. Kinetics	  of	  Mineral	  Dissolution	  
In order to capture the fast surface reaction kinetics of mineral dissolution that 
occurs before the formation of Si-rich layers on the mineral surface, the above mentioned 
DBR system was used for different solvents. All of the DBR experiments were performed 
under the same conditions, where the temperature was kept at 90 °C and the pressure at 
the backpressure regulator was held to 1 MPa. Solvents were prepared using DI water 
(Millipore, Billerica, MA) and a background electrolyte was added first to create a 10-2 M 
NaCl solution, which was purged of air using helium. For the cases with chelating agents, 
they were added to a concentration of 10-2 M. The pH of all the prepared solvents was 
adjusted to 3 using concentrated nitric acid (Fisher Scientific).  
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The solution flow rate was held constant for all experiments at 30 ml/min, which 
was determined to minimize diffusional effects within the mineral bed. A sampling 
program for the fraction collector was designed to capture the rapidly changing initial 
kinetics of mineral dissolution, while maintaining a reasonable number of samples for 
analysis. The sampling program was as follows: four samples per minute for the first four 
minutes, 1 sample per minute for the next 16 minutes, and finally one sample every four 
minutes for the last forty-four minutes, for a total of 43 samples. Each of these 15 ml 
samples tubes was pre-filled with 2% nitric acid to prevent any subsequent precipitation 
of mineral phases, and the collected liquid samples were sealed until further analyses. Mg, 
Si and Fe concentrations in each liquid sample were analysed using an Inductively 
Coupled Plasma Optical Emission Spectrometer (ICP-OES, Horiba Instruments Inc., 
Clifton Park, NY). After rinsing with DI water, the solids that remained in the DBR were 
dried in a vacuum oven at ~ 80 °C overnight and then analysed for their surface area, 
pore volume (Nova 2200, Quantachrome Instruments) particle size distribution and 
morphological changes using Field-Emission Scanning Electron Microscopy (FE-SEM, 
Hitachi 4700). 
 
3.2.4. Batch	  Mineral	  Dissolution	  
While the DBR provided valuable data on the fast surface dissolution kinetics of 
SWOL, it was also important to determine the dissolution kinetics in a batch mode. For 
the given solid concentration and solvent composition as well as reaction conditions (T 
and P), the batch mineral dissolution experiments would evaluate the steady-state 
concentration of Mg that can be achieved during mineral dissolution. For this particular 
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study, a 10 wt% slurry of as received SWOL was used. Both 10-2 M oxalate and 10-2 M 
catechol were added to the slurry as chemical catalysts for SWOL dissolution, as was a 
stoichiometric amount of hydrochloric acid necessary to react with all of the Mg and Fe 
in the mineral sample. This mixture was combined in a PTFE liner in a batch reactor 
(Autoclave Engineers). As the batch reactor heated up, the system was purged of air by 
bubbling N2 gas for 5 minutes. The system temperature was ramped to 90 °C over ~20 
minutes and held at 90 °C for the remainder of the experiment. Samples of the slurry 
mixture were taken over the course of the experiment, and prepared for ICP analysis by 
filtration using a 0.2 μm syringe filter and immediate dilution into 2% nitric acid. After 
60 minutes, the reactor heater was turned off and the system was allowed to cool. The 
solution was separated from the remaining solids and retained. 
3.2.5. Carbonate	  Precipitation	  and	  Product	  Characterization	  
The filtrate retained from the batch reaction was used to demonstrate the 
precipitation of mineral carbonates. The filtered solution was pH adjusted with 50 wt% 
NaOH until it stabilized at pH ~7.5. The greenish-brown precipitate (Fe-containing 
phases) was filtered from the solution, and the clear solution was retained as the stock for 
carbonate precipitation experiments. This solution contained most of Mg that were 
leached out of the SWOL. 
Experiments were performed in 50 ml conical bottom tubes immersed in a water 
bath maintained at 55 °C. Tris buffer (6.7 ml, 1.5 M) with antifoaming agent (1 μl SE-15, 
Sigma-Alrich) was added to each tube, capped and left to equilibrate for at least an hour. 
Immediately before each experiment, 0.3 ml of a blank or biocatalyst solution (3.3 mg/ml 
BCA, Sigma-Aldrich) dissolved in the same buffer solution was added to the tube. 
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Simulated flue gas (15% CO2 in N2) was bubbled into the Mg-containing solution at 200 
cm3/min for a predetermined period of time (30 seconds - 3 min), and then 3 ml of the 
clear stock solution from the batch reactor experiment was added. This mixture was 
capped, inverted to mix and left in the water bath for at least one hour to ensure complete 
reaction. The mixture was then filtered, and the solids were rinsed with DI water and 
dried overnight at 80 °C in a vacuum oven. The Mg concentration in the solution phase 
was also measured via ICP-OES, and the dried precipitate was analysed for carbon 
content with an inorganic carbon analyzer (UIC Inc, Joliet, IL). 
 
3.3. Results	  and	  Discussion	  
Figure 3-3 shows our conceptual models of the accelerated dissolution process of 
a serpentine mineral and the formation of a Si-rich passivation layer at the surface. In a 
natural system, the overall reaction of serpentine dissolution is as given in R2.  
 
Mg3Si2O5(OH)4(s) + 6H+(aq) à 3Mg2+(aq) + 2H4SiO4(aq) + 5H2O(l)     (R2) 
 
As protons are adsorbed onto the hydrated surface of serpentine, Mg and Si are 
leached out into the aqueous phase. Since the natural weathering of serpentine generally 
occurs in ground water at moderate pH and temperature, serpentine dissolution is nearly 
congruent and the overall dissolution rate is slow (Bales & Morgan 1985; Luce et al. 
1972). 
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In contrast, when serpentine dissolution is enhanced via the presence of acids or 
chelating agents, the dissolution mechanism changes. The Mg and Fe tend to dissolve 
faster than the silica fraction, leaving a Si-rich passivation layer at the surface (Figure 
3-3). This Si-rich passivation layer has been considered one of the major factors 
inhibiting the rapid dissolution of silicate minerals (Daval et al. 2011; Bearat et al. 2006; 
Weissbart & Rimstidt 2000). 
A number of methods have been suggested to remove this Si-rich passivation 
layer, including in-situ physical activation using a dual-particle fluidized bed or 
concurrent grinding with dissolution (Orr et al. 2005; Park & Fan 2004; Van Essendelft 
& Schobert 2009a). In addition, the use of chemical methods to enhance dissolution has 
been demonstrated, but these did not address the Si-based passivation layer directly (Park 
et al. 2003). While these methods work relatively well, a new approach employing a 
chemical ligand targeting Si has also been proposed as a part of this study. 
Two Hypotheses (A and B) illustrated in Figure 3-3 were proposed for the role of 
the Si-targeting chelating agent. As shown in Figure 3-3(b), it was initially hypothesized 
that a Si-targeting chelating agent could accelerate leaching of Si and make the overall 
serpentine dissolution relatively congruent at an enhanced rate. In this scheme, the 
dissolved Si will be stabilized in the bulk aqueous phase and the build-up of amorphous 
silica that leads to a reduced reactivity would be prevented (Figure 3-3 (b), Hypothesis A). 
This mechanism assumes that the formation of the passivation layer follows a coupled 
dissolution-precipitation process of silica, as proposed for a number of other silicate 
minerals, and that the chelating agent in solution can stabilize dissolved Si (King et al. 
2011; Daval et al. 2011).  
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On the other hand, an alternative scenario might also be possible: the silica in 
silicate minerals may reorganize without transitioning through a dissolved state (Casey et 
al. 1993; Weissbart & Rimstidt 2000). Surface adsorption of a chelating agent may 
impede the reorganization and the condensation reactions of silica that would close off 
the small pores formed when Mg is extracted from the silicate mineral (Figure 3-3 (c), 
Hypothesis B). In this scheme, the overall particle size would not be significantly 
changed, and the pores within the Si-rich passivation layer would remain open for 
continued serpentine dissolution.  
The chelating agents used in this study were selected for their reported preference 
for the two main components of the mineral of interest, Mg and Si. The chelating agents, 
oxalate and catechol, were selected, and their structures and proposed surface 
associations are given in R3 and R4. 
 
      (R3) 
 
    (R4) 
 
Oxalate was chosen to accelerate Mg dissolution because it has an affinity for 
surface Mg and reported to enhance the dissolution rate of Mg-bearing minerals (Bales & 
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Morgan 1985; Park et al. 2003). Catechol was chosen for silica because it has been 
reported to complex with dissolved Si and increase the dissolution rates of silica and 
magnesium silicates, albeit at neutral to high pH (Bales & Morgan 1985; Jørgensen 1976; 
Bennett 1991). Unfortunately, these studies focused on mineral dissolution under near 
neutral pH and moderate temperature and pressure conditions, which do not match the 
highly engineered ex-situ carbon mineralization conditions. Thus, the present study was 
designed to probe the compounded effects of oxalate and catechol on serpentine 
dissolution and identify the mechanisms of enhanced weathering of serpentine. 
 
3.3.1. Effect	  of	  Oxalate	  and	  Catechol	  on	  Mineral	  Dissolution	  Kinetics	  
The mineral dissolution is a strong function of the solvent pH, and thus, in order 
to isolate the effect of chelating agents the experiments were performed at a fixed pH of 3 
using a DBR, which does not require solution buffering despite the high reaction rates 
observed. Catechol and oxalate effects on serpentine dissolution were measured 
individually and in an equimolar mixture, all at a concentration of 10 mM. Surface area 
normalized release rates of Mg, Si and Fe are shown in Figure 3-4, along with the 
percentage dissolved from the original mineral sample. The surface area used to 
normalize the mineral dissolution rates was the specific surface area of the unreacted 
mineral determined via the multipoint N2 BET method. For now, this surface area was 
assumed to be constant throughout the dissolution process. The percentage of each 
element dissolved was calculated via a numerical integration of the rate data divided by 
the total amount of mineral sample loaded into the DBR. 
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Results in Figure 3-4 show that even in the absence of chelating agents the Mg 
and Fe components of SWOL dissolved at a faster rate than Si, which suggests the 
incongruent dissolution of serpentine at pH 3 and supports the scheme in Figure 3-3(a). 
As expected, oxalate (the Mg targeting chelating agent) was much more effective at 
enhancing the overall dissolution rate than catechol (the Si targeting chelating agent) due 
to the high solubility and reactivity of Mg-species at low pH conditions compared to Si-
species. The dissolution rates for Mg, Si and Fe were all maintained high until the high 
extent of dissolution was achieved and the mineral sample in the DBR was exhausted. 
The effect of catechol was interesting, as the dissolution rates of Mg, Si and Fe were all 
increased over the reaction time. Catechol resulted in the most significant effect near the 
end of each run when it was used alone, suggesting that it was acting on the Si-rich 
passivation layer and preventing a reduction in the mineral dissolution rate over time, as 
proposed. Interestingly, catechol had a significant effect on the release rate of Fe from 
serpentine, increasing it by almost an order of magnitude in the absence of oxalate.  
Dissolution rates of all components were highest when both chelating agents were present 
illustrating synergistic effect of chemical additives. 
These results indicate that the chelating agents, oxalate and catechol, can 
accelerate the leaching of Mg from serpentine, and the question was how these chelating 
agents were playing a role in serpentine dissolution. 
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3.3.2. Particle	  Morphological	  Changes	  During	  Mineral	  Dissolution	  
In order to investigate the proposed mechanisms of serpentine dissolution in the 
presence of chelating agents given as Hypotheses A and B in Figure 3-3, the solid 
samples were collected at the end of the dissolution experiments and analysed for their 
particle size and pore size distributions. First, the mean particle diameters of dissolved 
minerals in different solvents are shown in Figure 3-5(a), and intriguingly it did not 
change appreciably over the course of the mineral dissolution experiments. It is 
understandable for the case of no catalyst and catechol alone cases, since the overall 
serpentine dissolution was limited to less than 20%. However, even at the extent of 
serpentine dissolution greater than 60% in the presence of oxalate or oxalate & catechol, 
the mean particle size did not change during serpentine dissolution. For the oxalate alone 
case, the formation of a Si-rich layer has already been reported so that the final structure 
of dissolved serpentine particle would resemble Figure 3-3(c) (Park & Fan 2004; Park et 
al. 2003). The most interesting phenomenon was the case of the solvent containing both 
oxalate and catechol, where over 75% of Mg leaching was achieved within 60 minutes. 
Even in this case, the mean particle size did not change over the course of serpentine 
dissolution and this suggested that the serpentine dissolution was via Hypothesis B. 
In order to further investigate the role of catechol, the pore size distribution of 
dissolved samples were analysed and the results are given in Figure 3-5(b). The pore 
volume increased over the course of the experiment for all of the solvent conditions 
tested. However, unlike the mean particle size data, there were significant variations 
among the different solvent cases. The pore volume did not change measurably upon the 
introduction of catechol alone. When oxalate was used alone, the total pore volume 
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approximately doubled. Paradoxically, the pore volume doubled again when catechol was 
used in conjunction with oxalate. This behavior suggests that the mechanism of 
dissolution enhancement may be related to the mechanism of pore formation. 
The changes in pore volume indicate that the two chelating agents are 
contributing to the pore volume change in different ways. Oxalate alone led to a doubling 
of the pore volume after an hour, while catechol and oxalate increased the pore volume 
by four times. This doubling of the pore volume upon the introduction of catechol was a 
larger effect than would be expected based on the difference in total Mg dissolved (~15% 
relative). This indicates that catechol has a significant effect on the formation of pores, 
despite the fact that it only has a minor effect on Mg extraction. Also of note is the fact 
that there is no measurable difference in the pore volume between the experiment with 
catechol and the experiment without any chelating agent. This could be due to the low 
level of mineral dissolution observed over an hour. Apparently the chelating agents 
accelerated rates not by removing the Si-rich passivation layer, but instead by causing a 
favourable change in morphology as it was created.  
Hypothesis B presumed that catechol adsorbed to the surface of silica sheets and 
prevented the condensation reactions of silica between adjacent sheets, evidence of which 
can be seen in the evolution of pore size distributions over time, as shown in Figure 3-6. 
Condensation reactions would close the space between adjacent silica sheets, which 
would correspond to a closing off some of the smallest pores. Comparing the final pore 
distribution for oxalate and oxalate with catechol, the primary change was in the pores 
with a diameter below 10 nm. In the case of oxalate alone, there was only a moderate 
change in the volume of pores in this range, particularly at the bottom of the range. When 
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catechol was present, there was a significant growth in the smallest pores, indicating the 
smallest pores were being stabilized during accelerated mineral dissolution.  
The morphological changes of the particles after dissolution with oxalate and 
oxalate/catechol mixture also illustrate different dissolution mechanisms when compared 
to no chelating agents or catechol alone cases. As shown in Figure 3-7, the surface of the 
serpentine particles had a glass-like appearance after exposure to oxalate or 
oxalate/catechol mixture, which could be caused by the transition to a primarily 
amorphous solid silica phase. The serpentine particles dissolved in solvents with catechol 
alone or no chelating agents retained a more granular and crystalline appearance because 
of the low level of Mg extraction that occurred in the absence of oxalate. 
 
3.3.3. Mineral	  Dissolution	  in	  Batch	  Reactor	  
While the mineral dissolution experiments performed using the DBR setup 
allowed in-depth investigation of the reaction mechanisms, the kinetic data obtained 
using the DBR were related to reactions far from equilibrium setting the maximum rates 
of mineral dissolution. Thus, a batch experiments was performed to determine the 
mineral dissolution behavior near the equilibrium condition.  The batch reactor 
experiment also evaluated whether or not the saturation state of aqueous silica species 
affected the enhancement of mineral dissolution observed in the DBR studies. The results, 
illustrated in Figure 3-8, show that the chelating agents were quite effective even when 
aqueous silica approached saturation. During the initial heating phase, the extraction of 
Mg was relatively slow. The Mg dissolution rate accelerated as the reactor reached the set 
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operating temperature, and by the end of 60 minutes ~ 90% of the Mg was extracted, 
corresponding to ~ 0.95 M of Mg in the liquid phase. The Si appeared to saturate earlier 
in the reaction, reaching ~ 40 ppm after 20 minutes, and as the reaction progressed, the 
silica concentration decreased. This could be caused by the fact that the proton 
concentration was also decreasing, and silica is known to have a higher solubility under 
highly acidic conditions (Iler 1976). Fe was also extracted at high efficiency; however 
there may be some experimental bias in these measurements. The Fe dissolution reached 
> 90% in 30 minutes, but then continued to increase slowly for the remainder of the 
experiment, ending up at ~ 110% by the end of 60 minutes. It was suspected that the 
hydrochloric acid was also dissolving a portion of the mixing bar and sampling port (both 
made of stainless steel) over the course of the reaction, thus artificially inflating the 
measured concentration of Fe dissolved. Given that the reactor took 20 minutes to 
approach the set temperature, the reaction rate was quite similar to that observed in the 
DBR. 
These results indicate that the silica saturation in the bulk solution does not have a 
significant influence on mineral dissolution when the chelating agents, catechol and 
oxalate, are present. As the proposed dissolution mechanism implied, the saturation state 
of dissolved silica was not as important for maintaining high magnesium release rates as 
maintaining an open pore network that facilitated high Mg dissolution and diffusion 
through the Si-rich passivation layer.  
In addition, this batch reactor test addressed some concerns regarding the use of 
oxalate in the dissolution of Mg-bearing minerals (Van Essendelft & Schobert 2009b). It 
was suggested that oxalate is a poor choice for this reaction because magnesium oxalate 
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is only slightly soluble and will precipitate as the mineral dissolves. However, it is 
important to distinguish between oxalate used as a low concentration additive for mineral 
dissolution enhancement and the use of oxalic acid as a source of protons. While high 
concentrations of oxalate may in fact lead to magnesium oxalate precipitation, the low 
concentrations used in this work are not sufficient to cause significant loss of dissolved 
Mg since the final concentration of Mg was two orders of magnitude higher than that of 
the oxalate. 
 
3.3.4. Effect	   of	   Carbonic	   Anhydrase	   on	   CO2	   hydration	   and	   Carbonate	  
Precipitation	  
With the greatly enhanced dissolution of serpentine in the presence of Mg- and 
Si-targeting chelating agents, the overall carbon mineralization rate was now considered 
to be limited by the rate of CO2 hydration. Since CO2 is by nature a sparingly soluble gas, 
the interfacial film of liquid near the gas-liquid interface can rapidly saturate, limiting the 
rate of mass transfer into the solution. However, the solubility of CO2 can increase by 
over an order of magnitude once carbonic acid (H2CO3), bicarbonate (HCO3-) and 
carbonate (CO32-) ions are taken into account as shown in R5-R7.  
 
  CO2(g) + H2O(l) ßà 2H2CO3(aq)        (R5) 
  H2CO3(aq) ßà H+(aq) + HCO3-(aq)        (R6) 
  HCO3+(aq) ßà H+(aq) + CO32-(aq)         (R7) 
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As a result, rapidly converting CO2 into these species near the gas-liquid interface 
can significantly enhance the of mass transfer into the solution, which is a central theme 
in some adsorption schemes (Stolaroff et al. 2008).  
One way to enhance this mass transfer is to catalyse the reaction of CO2 with 
water. Carbonic anhydrase (CA) is a common biological catalyst found throughout nature 
(Smith & Ferry 2000). Its primary function is to catalyse the hydration of CO2, according 
to the mechanism shown in R8-R11 (Gibbons & Edsall 1963; Silverman & Lindskog 
1988). It has been suggested that this catalyst could be useful in accelerating the capture 
and precipitation of CO2 in industrial processes, and as a result, many researchers are 
investigating it for the purpose of enhancing carbon capture processes, but most have 
focused on the integration of capture processes with calcium carbonate precipitation 
(Patel,	  Park,	  et	  al.	  2013a;	  Favre	  et	  al.	  2009;	  A.	  Sharma	  et	  al.	  2011;	  Bond	  et	  al.	  2001). 
 
 EZnH2O(aq)  ßà EZnOH-(aq)  + H+(aq)        (R8) 
 EZnOH-(aq)  + CO2(aq)  ßà EZnHCO3-(aq)       (R9) 
 EZnHCO3-(aq)  + H2O ßà EZnH2O(aq)  + HCO3-(aq)     (R10) 
 HCO3-(aq)  ßà H+(aq) + CO32-(aq)      (R11) 
 
The adsorption of CO2 from the gas phase and precipitation as a carbonate was 
performed in a two-step batch process. These experiments illustrated that the presence of 
a biocatalyst can increase the amount of carbon captured in a fixed period of time, and 
that the presence of chelating agents does not impede the capture and precipitation 
reactions. 
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Bovine carbonic anhydrase (BCA) was used to accelerate adsorption of CO2 from 
the gas phase. Figure 3-9(a) shows the change in pH of a buffer solution over time as 
15% CO2 was bubbled into the system. The solution containing the CA biocatalyst 
dropped in pH faster than the control, indicating a higher mass transfer rate. After 10 
minutes, the pH of both mixtures converged at ~ 8.2 (Not shown). It should be noted that 
these experiments were performed in the presence of an anti-foaming agent to avoid the 
excessive foaming that occurred with the biocatalyst alone. The anti-foaming agent 
ensured a consistent gas-liquid interfacial area for mass transfer, and avoided artificial 
mass transfer enhancements that would accompany the increased interfacial surface area 
associated with foaming. 
The presence of BCA biocatalyst in the buffer solution enhanced the carbon 
capture and subsequent conversion to carbonate, particularly for the runs with shorter 
CO2 bubbling times. The faster drop in the pH of the buffer solution indicates a higher 
concentration of carbon in solution, and this enhanced carbon concentration led to a 
larger mass of precipitates (Figure 3-9(b)). The presence of BCA increased the precipitate 
mass most at moderate CO2 bubbling times (1~2 min). More importantly, the actual 
carbonate content of the precipitate was significantly higher for all measurements up until 
2 minute case. The fact that the carbonate fraction of the precipitate was much higher at 
shorter CO2 bubbling times for the system containing BCA confirmed that the biocatalyst 
increased the capture of carbon from the gas phase and was in line with previous 
experiments.(Favre et al. 2009) The concentration of Mg in the filtrate solution also 
indicated that more carbonate was formed in the presence of BCA, since the 
concentration was lower at almost all times, but due to the vast excess of Mg that was 
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used to limit the reaction in terms of CO32- concentration, these results were not as 
convincing.  
The X-ray diffraction analysis (XRD) identified that the produced carbonate 
phase were entirely amorphous, as distinct lattice spacing did not appear in their XRD 
spectra. However, thermo-gravimetric analysis and the carbon analysis (TIC) indicated 
that the produced precipitates were similar in composition to dypingite, 
(Mg5(CO3)4(OH)2]H2O)) (Raade 1970). The earlier work on the formation of 
magnesium carbonates also resulted in a relatively long induction (aging) time to form 
crystalline carbonates even with vigorous mixing (H.	  Zhao	  et	  al.	  2011), and the presence 
of an antifoaming agent may have also impeded the precipitation of carbonate crystal 




The conversion of Mg-bearing silicate minerals into carbonates, as a mean of 
long-term safe storage of anthropogenic CO2, is a compelling option given the limitations 
of geological storage. The greatest barrier to carbon mineralization has been the reactivity 
of the starting silicate minerals. In this study, it was demonstrated that the dissolution rate 
of Mg from a silicate mineral matrix was enhanced by the presence of low concentrations 
of the chelating agents specifically targeting Mg and Si, oxalate and catechol. These 
chelating agents appeared to assist the dissolution rate of the mineral through a 
combination of enhancing surface reactivity and preventing the collapse of the pore 
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network structure, particularly the smallest pores created as the Mg was extracted. In 
addition, when these chelating agents were scaled up to a batch reaction, the resulting 
Mg-rich solution were used to precipitate magnesium carbonates by reacting with a 
carbon-rich solution. The formation of carbonate ions in the aqueous phase was 
accelerated by the incorporation of the biocatalyst, carbonic anhydrase.  
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Figure 3-2: Schematic of differential bed reactor for fast kinetic measurements at elevated 
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Figure 3-4: Mineral dissolution behavior of southwest Oregon lizardite in terms of Mg, Si, and 
Fe dissolution rate and dissolution percent. (Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, 
Qsolvent = 30 ml/min, Solvent: pH 3 with shown chelating agent). 
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Figure 3-5: Evolution of mean particle size and pore volume changes during dissolution of 
southwest Oregon lizardite. (Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 





Figure 3-6: Evolution of the pore volume distribution during dissolution of southwest Oregon 
lizardite. (Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 ml/min, Solvent: pH 3 












































































































Figure 3-7: Morphological structures of southwest Oregon lizardite dissolved in different 
solvents. (Differential Bed Reactor, t = 64 minutes, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 
ml/min, Solvent: pH 3 with shown chelating agent)  
(d) Catechol and Oxalate (Both 0.01 M)
(c) Oxalate (0.01 M)
(b) Catechol (0.01 M)












Figure 3-8: Dissolution of southwest Oregon lizardite in a batch reactor: (a) temperature profile 
and (b) percent dissolution of Mg, Si, and Fe. (Batch Reactor, Ptotal = 10 atm, Qsolvent = 30 ml/min, 




































Figure 3-9: Enhanced capture of carbon using biocatalyst. (a) Solution pH during bubbling of 
15% CO2 into 1.5M tris buffer. (b) Mass of precipitate recovered from both blank and BCA 
experiments, segmented into amorphous carbonate component of solid precipitate and the 
remaining solids. (c) Solution phase magnesium concentration in filtrate after precipitation. 
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Chapter	  4	  -­‐ Sensitivity	   of	   Serpentine	   Dissolution	  
Enhancement	   to	   Catechol,	   Oxalate,	   pH	   and	   Silica	  
Targeting	  Chelating	  Agents§	  
4.1. Introduction	  
Accelerated mineral weathering is a promising technology for capturing and 
permanently storing carbon dioxide emissions before they enter the atmosphere (Seifritz 
1990; Lackner et al. 1995). It involves the reaction of magnesium or calcium silicate 
minerals with carbon dioxide and produces silica and thermodynamically stable solid 
carbonates. The process is spontaneous, and exothermic, and environmentally benign. 
One of the obstacles preventing wide-scale implementation of accelerated mineral 
weathering is the relatively slow release of alkali earth metals from the silicate raw 
materials (Park et al. 2003; Casey et al. 1993; Park & Fan 2004; Weissbart & Rimstidt 
2000; Bearat et al. 2006; Daval et al. 2011; King et al. 2011). Silica remains on the 
particle surface as a passivating layer, while magnesium or calcium is extracted by a 
reaction with protons from the solution. This nonstoichiometric reaction is referred to as 
                                                
 
§ A version of this chapter is in preparation for submission as: 
Swanson, Edward J, Patrick V Brady, and Ah-Hyung Alissa Park. “Sensitivity 
Analysis of Serpentine Dissolution Enhancement for pH, Oxalate, and Catechol and 
Other Silica-Targeting Chelating Agents” 
 
E.J.S. Developed experimental protocol, performed experiments, analyzed data 




incongruent dissolution, and is common in mixed oxide silicate minerals (O'Connor et al. 
2002; Casey et al. 1993; McKelvy et al. 2004; Weissbart & Rimstidt 2000; Bearat et al. 
2006; Daval et al. 2011; King et al. 2011).  
The silica passivation layer is amorphous and is the result of a solid phase 
reorganization of the underlying crystal structure (Park & Fan 2004; Seifritz 1990; Van 
Essendelft & Schobert 2010; Diefenbacher et al. 2005; Lackner et al. 1995).  
Condensation reactions between silanol groups prompts formation of a less reactive 
surface layer (Park et al. 2003; Casey et al. 1993; Park & Fan 2004). The reorganization 
can also be the site of secondary mineral nucleation and growth, which may explain the 
formation of carbonate particles on silicate surfaces observed elsewhere (Park et al. 2003; 
Casey et al. 1993; Park & Fan 2004; Weissbart & Rimstidt 2000; Bearat et al. 2006; 
Daval et al. 2011; King et al. 2011). 
A number of techniques have been proposed to overcome the silica passivation 
layer. Thermal treatment dehydrates and reduces the crystallinity of the mineral (Casey et 
al. 1993; O'Connor et al. 2002; Weissbart & Rimstidt 2000; McKelvy et al. 2004; Bearat 
et al. 2006; Daval et al. 2011; King et al. 2011).  Physical grinding increases the 
dissolution rate (Seifritz 1990; Park & Fan 2004; Diefenbacher et al. 2005; Van 
Essendelft & Schobert 2010; Lackner et al. 1995). Chelating agents increase magnesium 
removal (Park et al. 2003; Casey et al. 1993; Park & Fan 2004).  However, none of these 
techniques prevent passivation layer formation and may therefore be short-term fixes. 
The Si-targeting agent catechol was recently shown to increase the dissolution of 
serpentine by amplifying the effect of the Mg-targeting chelating agent oxalate (See 
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Chapter Chapter 3 -). Here we evaluate the individual and combined impacts of catechol 
and oxalate on the dissolution rate of serpentine and better constrain the mechanism by 
which the two accelerate silicate weathering.  We also compare the catechol+oxalate 
effect to that of other Si-targeting chelating agents.  For example, a number of amino 
acids accelerate silica dissolution at moderate to low pH values, both alone and 
polymerized as a soluble protein (bovine serum albumin) (Kawano et al. 2009; Kawano 
& Hwang 2010a).  Similarly, the smaller organic molecules guanidine and imidazole are 
capable of accelerating silica dissolution (Kawano & Hwang 2010b).  
4.2. Experimental	  Methods	  
4.2.1. Materials	  and	  Experimental	  Setup	  
The magnesium silicate mineral used in this investigate was southwest Oregon 
lizardite, a form of serpentine, obtained from NETL’s Albany Research Center. The 
material was cleaned to remove all small particles below 5 µm (Gadikota et al. n.d.). The 
mineral samples were then dried at 70°C for 24 hours. The surface area of the mineral 
was measured using multi-point N2 BET and found to be 19.5 m2/g. 
In order to capture the fast surface reaction kinetics of mineral dissolution that 
occurs before the formation of Si-rich layers on the mineral surface, a differential bed 
reactor (DBR) system was designed (Figure 4-1) (Gadikota et al. n.d.; Swanson et al. 
n.d.). The temperature was held to 90 °C and the pressure at the backpressure regulator 
was held to 10 bar.  Solvents were prepared using DI water (Millipore, Billerica, MA) 
and a background electrolyte was added to create a 10 mM NaCl solution, which was 
purged of air using helium. Chelating agents were added directly to the purged solution. 
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The pH of all the prepared solvents was adjusted using concentrated nitric acid (Fisher 
Scientific). The chelating agents employed in this study are oxalate, catechol, histidine, 
arginine, guanidine, and imidazole; the structures and relevant physical properties are 
given in Table 4-1. 
The solution flow rate was held constant in all experiments at 30 ml/min, which 
was determined to minimize transport effects within the mineral bed. A sampling 
program for the fraction collector was designed to capture the rapidly changing initial 
kinetics of mineral dissolution, while maintaining a reasonable number of samples for 
analysis. The sampling program varied depending on the length of the expected 
experiment, and usually yielded 30 - 50 samples for each experiment. Each of the 15 ml 
sample tubes was pre-filled with 2% nitric acid to prevent any subsequent precipitation of 
mineral phases, and the collected liquid samples were sealed until further analysis. Mg, Si 
and Fe concentrations in each liquid sample were analyzed using an Inductively Coupled 
Plasma Optical Emission Spectrometer (ICP-OES, Horiba Instruments Inc., Clifton Park, 
NY).  
4.2.2. Experimental	  Design	  
In a previous publication, the mechanism of serpentine dissolution enhancement 
of both Mg and Si targeting chelating agents was investigated at a single concentration 
and pH (Chapter Chapter 3 -). In the present work, the concentration of each chelating 
agent was increased or decreasing by an order of magnitude. Thus, experiments were 
performed at chelating agent concentrations of 1, 10, and 100 mM. The pH was similarly 
increased or decreased one unit, to yield data at pH 2, 3, and 4. From these conditions, a 
three-factor, two-level with center point experimental design was used to generate the 
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experimental conditions for nine different experiments, summarized in Table 4-2. The 
variables were coded according to the rules that the level expected to yield the lowest 
dissolution rate was given a zero, and each increase over that level given an additional 
one point. The interactions of these three factors was also calculated and considered 
during data analysis. 
 
4.3. Results	  And	  Discussion	  
4.3.1. Effects	  of	  pH,	  Oxalate	  and	  Catechol	  on	  Serpentine	  Dissolution	  
The measured dissolution rates of Mg, Si and Fe from serpentine are plotted as 
both surface area normalized dissolution rate and percent magnesium extracted over time 
in Figure 4-2. The N2 BET surface area of the cleaned starting material was used for 
surface area normalization (Swanson et al. n.d.), though this surface area is known to 
change over the course of the reaction (see below).  
Note from Figure 4-2 that the dissolution rates of the three components (Mg, Si 
and Fe) vary by roughly two orders of magnitude depending on pH, oxalate, and catechol.  
The highest dissolution rates for Mg and Fe are observed in the two runs with the lowest 
pH and highest concentration of oxalate (Exps. 2 & 4).  The highest Si release rates are 
observed for those experiments at the highest pH and highest concentration of oxalate 
(Exps. 6 & 8). This difference illustrates the tendency of silicate materials to dissolve 
nonstoichiometrically, which is what leads to silica remaining behind on the surface of 
mineral particles to form a passivation layer. The lowest dissolution rates for all three 
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components are observed in the experiments at the highest pH with the lowest 
concentration of oxalate (Exps 7 & 9). In general, changes in the catechol concentration 
appears to have a relatively minor effect on the dissolution rates of each component, with 
those experiments differing only in catechol concentration generally exhibiting a similar 
dissolution rate, (e.g. Exps 3 & 5 or 6 & 8). While these general observations hold for the 
initial dissolution rates, it is also clear that the dissolution rates are not constant over time. 
4.3.2. 	  Stages	  of	  Serpentine	  Dissolution	  
The release rate of each component tends to decrease as time progresses. This is 
particularly true for the experiments with a high reaction rate, where the rates tend to fall 
after about 40% of the magnesium has been extracted. This is thought to occur for two 
reasons: the reactive surface area is decreasing as the unreacted core of the particle is 
consumed by the reaction, and a passivation layer of silica is building up and creating a 
diffusion barrier for incoming protons and outgoing dissolution products. This situation is 
illustrated in Figure 4-3, where the initial rate (Region I) is the situation near the start of 
the reactions. The reaction front of Mg release is still near the particle surface, and the 
reaction rate is determined primarily by the reactivity of that surface under the 
experimental conditions. As more of the Mg is dissolved, the reactive front moves toward 
the core of the particle (Figure 4-3, Region II), increasing the distance over which the 
reactants and products must diffuse. In addition, the surface area of this unreacted core 
has decreased, leading to a drop in the maximum overall reaction rate even in the absence 
of a diffusion limitation. Finally, in the case of the most reactive experiment observed 
(Exp. 2), an extensive pore network is created that allows the majority of the Mg to be 
dissolved (Figure 4-3, Region III).  
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While most of the dissolution data shown in Figure 4-2 follows this trend of 
decreasing reaction rate, the Si rate often seems to change in the opposite direction. For 
example, experiments 1, 6 & 8 appear to increase in Si reaction rate over the initial ten 
minutes. However, this does not necessarily violate the view of mineral dissolution 
proposed above. While the reactive surface area presenting Mg and Fe sites is likely 
going down as a mineral particle progresses from region I to III, the actual surface area of 
silica is increasing over this same period of time. Despite the fact that this amorphous 
silica is thought to be less reactive, the increased area for reaction appears to be adding to 
the overall rate observed, at least for a portion of the reaction time. While these 
observations form a rough basis for drawing conclusions, it is worthwhile to view the 
dataset as a whole and look for more consistent trends. 
The view of mineral dissolution depicted in Figure 4-3 was used to segment the 
dissolution data into discrete regions that will be compared in more detail. The initial rate 
(Figure 4-3 - Region I) was assumed to be the average rate while less than 10% of the Mg 
had been dissolved from the mineral sample. The mid-stage rate (Figure 4-3 - Region II) 
was assumed to be the average rate when 40-50% of the Mg was being dissolved from 
the mineral, and the late-stage rate (Figure 4-3 - Region II) was assumed to be when 
greater than 60% of the Mg had been extracted. Each of these regions are highlighted for 
two experiments (Exp 2 and 4) in the Mg reaction rate and percent Mg dissolution panels 
of Figure 4-2. The highlighted sections of the % dissolution curve illustrate how the 
relevant experimental times for each experiment were found. From these experimental 
times, the average reaction rate was calculated, essentially an average over the 
highlighted regions of Exp.2 in the Mg reaction rate panel in Figure 4-2. This procedure 
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was repeated for each experiment, and the reaction rates for each region were calculated 
for all three components. The base 10 logarithms of the resulting average reaction rates 
are shown in Table 4-3 for all three regions and components. Experiment 2 was the only 
reaction to reach 70% in the time limits of the experiments, so it is the only one with 
reaction rates listed in the third section of the table. These reaction rates were then used 
as the basis for a regression analysis that will be discussed in the next section. 
4.3.3. Correlation	  of	  Combined	  Effects	  	  
The initial and mid-stage reaction rate data in Table 4-3 was analyzed using 
multiple linear regression against the coded variables shown in Table 4-2. Each variable 
was tested for significance in the overall regression, and those that fell outside the 90% 
confidence interval (failed to reject H0) were removed in succession until the largest set 
of significant variables was found. The coefficients for each significant variable for a 
given component are listed in Table 4-4, along with the interactions and R2. In general, a 
larger coefficient relates to a stronger correlation between the variable and the dissolution 
rate observed. 
The coefficients in Table 4-4 illustrate that oxalate levels had the largest impact 
on the initial rate of Mg dissolution, followed by pH, and then catechol. In addition, two 
of the interaction variables were found to be significant, and these will be discussed 
below. The effect of catechol on initial Mg rate was negligible, which was expected since 
catechol does not act on the Mg component directly. Between the initial rate of Mg 
dissolution and the mid-stage Mg dissolution rate, there were only minor changes in the 
relationships, which indicates that the reaction rate remains surface-controlled. The 
correlation of the Mg dissolution rate with catechol increases slightly between the initial 
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and mid-stages, which may simply be noise, but could also be due to its effect on pore 
volume. The coefficients for oxalate and pH fall between the initial and mid-stage Mg 
rate, which is expected as transport limitations start to have a greater effect. Overall, the 
regression on the Mg rates was quite effective, with an R2 of 0.997 for both regions.  
The correlation of Si reaction rates was not as successful as for Mg. The set of 
variables found to influence the initial Si rate was pH, oxalate and one of the interaction 
variables, for an R2 of 0.970. However, the oxalate variable had a very strong influence, 
with a value approaching that of its Mg interactions. This indicates that the release of Si 
into solution could be coupled, in some cases, to the release of Mg via an oxalate 
mechanism. Further reinforcing this concept is the fact that the Si rate coefficient for pH 
is significantly greater than zero. From the literature, one would expect a pure silica 
surface to be insensitive to pH over the range studied, particularly at elevated temperature 
(Iler 1976; Brady & Walther 1990; Brady & Walther 1992). Catechol should not form an 
aqueous complex with silica at the pH values used in this work, thus it is not entirely 
surprising that it does not enhance the silica dissolution rate (Öhman, Nordin, Sedeh & 
Sjöberg 1991a). Therefore we must assume that Si release is coupled to that of Mg. The 
Si mid-stage rate further reinforces this view. The fit of this correlation is the worst of the 
set, with an R2 of 0.884, and the only significant variables are oxalate levels and an 
interaction variable. As stated above, at the mid-stage of dissolution, there will be a 
significant portion of new amorphous silica surface area exposed. This “all silica” surface 
is likely to exhibit normal silica chemistry, so it is not surprising that pH ceases to have 
an effect. The strong influence of oxalate could be coming from an interaction at the 
silica surfaces or a coupled effect with the dissolution of Mg, and it is difficult to 
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distinguish between the two sources. Overall, Si responds strongly to oxalate 
concentration, with a minor response to pH. 
The correlation of Fe reaction rates is much better than for Si. All of the variables 
evaluated contribute to the initial Fe dissolution rate, but only pH, oxalate, and one 
interaction variable contribute to the mid-stage rate. The strongest influences come from 
pH and oxalate again, but catechol also has a strong effect on the initial rate (see below). 
The interaction variable coefficients are almost all negative. This could indicate a 
competition between the three parameters pH, oxalate, and catechol. Since there will be a 
limited number of surface sites on the mineral that are available to react with the solution, 
when one is occupied by one of these molecules, it is also not available to react with 
another. Thus, it is unlikely that these chelating agents work in a synergistic manner, as 
suggested in a previous publication.(Swanson et al. n.d.) 
4.3.4. Effects	  of	  Alternative	  Si-­‐targeting	  Chelating	  Agents	  
Histidine, arginine, guanidine and imidazole have been shown to catalyze the 
dissolution of silica under mildly acidic conditions  (Kawano et al. 2009; Kawano & 
Hwang 2010a; Kawano & Hwang 2010b), so they were evaluated as possible 
replacements for catechol at 10mM and pH 3, both in the presence and absence of oxalate.  
Results are summarized in Figure 4-4 and Figure 4-5. In the absence of oxalate, the 
alternative chelating agents do not provide any dissolution enhancement over catechol, 
and by the end of the experimental time, they are only marginally better than a pH 3 
solution alone. This is especially true for the release of Fe, where the catechol 
outperforms all the other system markedly. However, at very short timescales the 
catechol substitutes do appear to provide a dissolution enhancement over catechol, but 
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this enhancement dissipates by the end of the first two minutes of the experiment. It is 
possible that these chelating agents surface exchange more effectively than catechol at 
the start of the reaction, but that these sites soon disappear and the material returns to the 
normal dissolution rate dictated by the prevailing solution chemistry in the absence of the 
chelating agents. Overall, these chelating agents do not appear to provide a significant 
advantage over catechol in the absence of oxalate. 
When the alternative chelating agents are tested in the presence of oxalate, the 
results are marginally more favorable. The reaction rates associated with oxalate alone 
and oxalate with catechol were almost indistinguishable in each of the reaction rate 
panels of Figure 4-5, but when the values are integrated into percent dissolution in the 
right hand panels, a separation emerges. Similarly, the effects of the alternative chelating 
agents appear to be slightly higher than catechol and oxalate together, but the absence of 
replicates in each of the alternative chelating agent tests makes it hard to draw firm 
conclusions. Out of the entire collection of alternative chelating agents, histidine 
appeared to give the most significant enhancement, and this was true for all three 
components Mg, Si and Fe.  
4.3.5. The	  influence	  of	  Chelating	  Agents	  on	  the	  fate	  of	  Fe	  
The relationship of the chelating agents tested in this study on the fate of Fe is not 
as straightforward as for Mg and Si. While the release rates of Mg and Si are generally 
dictated by the surface concentration of reactive species that lead to dissolution, and in 
many cases exhibit mildly coupled dissolution behavior, Fe release is much more 
sensitive to catechol (Table 4-4). Catechol is hypothesized to have amplified Fe release 
by one of two routes: either it scavenged residual oxygen or reduced Fe(III) ions in the 
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serpentine structure to increase their solubility. While the precise distribution of Fe 
oxidation states is not known in these samples of lizardite serpentine, lizardite tends to 
contain predominantly Fe(III) (Page 1968). Indeed, similar effects have been observed in 
soil samples and are thought to play a role in olivine carbonation (Colarieti et al. 2006; 
Saldi et al. 2013).   
4.4. Conclusions	  
The sensitivity of the dissolution rates of the three main components of serpentine, 
Mg, Si and Fe, were investigated as the concentrations of two chelating agents and pH 
were varied over a a range of conditions. The results confirmed that oxalate and pH are 
highly effective at enhancing the dissolution of all components of serpentine initially, and 
illustrated the complexities that arise as Si reorganizes into a passivation layer on the 
surface of the mineral particles. In addition, a number of alternatives to the Si-targeting 
chelating agent catechol were evaluated, but it with mixed results. When tested in the 
presence of oxalate, these alternatives were equally or more effective than catechol, but 
alone they had little effect on the mineral dissolution rate in the absence of oxalate. 
Finally, catechol was shown to have a complex relationship with Fe, which it appears to 




Table 4-1: Structure, solubility, and acidity of chelating agents 
Chelating	  
Agent	  
Structure	   Solubility	  
(g/100mL	  at	  
25C)	  
pKa	   Ref.	  
Oxalate	  
	  




(Park	  et	  al.	  2003;	  Prigiobbe	  &	  




43	   9.48,	  
12.08	  





4.19	   9.33	   (Kawano	  et	  al.	  2009)	  
Arginine	  
	  
15	   12.48	   (Kawano	  et	  al.	  2009)	  
Guanidine	  
	  




663	   14.9,	  
7.0	  






Table 4-2: Experimental Matrix for Mineral Dissolution Sensitivity Study 
	  
Experimental	  Values	   Coded	  Variables	   Interactions	  










[log	  (ox)]	   A*B	   A*C	   B*C	   A*B*C	  
1	   3	   -­‐2	   -­‐2	   1	   1	   1	   1	   1	   1	   1	  
2	   2	   -­‐1	   -­‐1	   2	   2	   2	   4	   4	   4	   8	  
3	   2	   -­‐1	   -­‐3	   2	   2	   0	   4	   0	   0	   0	  
4	   2	   -­‐3	   -­‐1	   2	   0	   2	   0	   4	   0	   0	  
5	   2	   -­‐3	   -­‐3	   2	   0	   0	   0	   0	   0	   0	  
6	   4	   -­‐1	   -­‐1	   0	   2	   2	   0	   0	   4	   0	  
7	   4	   -­‐1	   -­‐3	   0	   2	   0	   0	   0	   0	   0	  
8	   4	   -­‐3	   -­‐1	   0	   0	   2	   0	   0	   0	   0	  






Table 4-3: Logarithms of the initial and mid-stage and late-stage release rates (mol/m2s) for Mg, 
Si and Fe. 
	  
Log	  (Initial	  Rate)	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  
(<	  20%	  Mg	  Dissolved)	  
Log	  (Mid-­‐Stage	  Rate)	  
(40-­‐50%	  Mg	  Dissolved)	  
Log	  (Late-­‐Stage	  Rate)	  
(>60%	  Dissolved)	  	  
Exp	   Mg	   Si	   Fe	   Mg	   Si	   Fe	   Mg	   Si	   Fe	  
1	   -­‐6.9	   -­‐7.6	   -­‐7.8	   -­‐6.9	   -­‐7.4	   -­‐7.9	   -­‐	   -­‐	   -­‐	  
2	   -­‐6.2	   -­‐7.5	   -­‐7.0	   -­‐6.4	   -­‐7.6	   -­‐7.5	   -­‐6.9	   -­‐8.0	   -­‐8.0	  
3	   -­‐6.7	   -­‐7.8	   -­‐7.8	   -­‐6.8	   -­‐7.7	   -­‐7.9	   -­‐	   -­‐	   -­‐	  
4	   -­‐6.2	   -­‐7.5	   -­‐7.0	   -­‐6.5	   -­‐7.6	   -­‐7.5	   -­‐7.2	   -­‐8.1	   -­‐8.2	  
5	   -­‐6.8	   -­‐7.8	   -­‐7.8	   -­‐6.9	   -­‐7.9	   -­‐8.1	   -­‐	   -­‐	   -­‐	  
6	   -­‐6.6	   -­‐7.1	   -­‐7.6	   -­‐6.8	   -­‐7.0	   -­‐7.9	   -­‐	   -­‐	   -­‐	  
7	   -­‐7.7	   -­‐8.2	   -­‐8.7	   -­‐7.6	   -­‐7.9	   -­‐8.8	   -­‐	   -­‐	   -­‐	  
8	   -­‐6.6	   -­‐7.0	   -­‐7.6	   -­‐6.8	   -­‐6.9	   -­‐7.9	   -­‐	   -­‐	   -­‐	  





Table 4-4: Linear regression coefficients from multiple linear regression analysis. 
	  
Log	  (Initial	  Rate)	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  	  
(<	  20%	  Mg	  Dissolved)	  
Log	  (Mid-­‐Stage	  Rate)	  
(40-­‐50%	  Mg	  Dissolved)	  
Parameter	   Mg	   Si	   Fe	   Mg	   Si	   Fe	  
Fit (R2) 0.997	   0.970	   0.999	   0.997	   0.884	   0.967	  
Intercept -­‐7.89	   -­‐8.27	   -­‐9.17	   -­‐7.87	   -­‐7.91	   -­‐8.97	  
A [pH] 0.54	   0.24	   0.66	   0.46	   -­‐	   0.51	  
B [log (cat)] 0.08	   -­‐	   0.23	   0.12	   -­‐	   -­‐	  
C [log (ox)] 0.65	   0.59	   0.80	   0.52	   0.50	   0.56	  
A*B -­‐	   -­‐	   -­‐0.09	   -­‐	   -­‐	   -­‐	  
A*C -­‐0.18	   -­‐0.22	   -­‐0.20	   -­‐0.14	   -­‐0.17	   -­‐0.16	  
B*C -­‐0.04	   -­‐	   -­‐0.12	   -­‐0.05	   -­‐	   -­‐	  
A*B*C -­‐	   -­‐	   0.05	   -­‐	   -­‐	   -­‐	  






Figure 4-1: Schematic of differential bed reactor used for measuring fast dissolution kinetics of 


























Figure 4-2: Mineral dissolution behavior of southwest Oregon lizardite in terms of Mg, Si, and 
Fe dissolution rate and dissolution percent over experimental matrix outlined in Table 2. 
(Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 ml/min, Solvent: shown 
in legend). 
  
































































































































Exp.9 (pH:4, C:1, O:1)Exp.8 (pH: 4, C:1 , O:100) Exp.7 (pH:4, C:100, O:1)Exp.6 (pH:4, C:100, O:100)
Exp.5 (pH:2, C:1, O:1)Exp.4 (pH: 2, C:1, O:100)Exp.3 (pH:2, C:100, O:1)Exp.2 (pH: 2, C:100, O:100)




Figure 4-3: Schematic of the three stages of dissolution in regression analysis. Region I is the 
initial reaction rate, when surface conditions dictate the kinetics. Region II is the mid-state 
dissolution rate, when diffusion and reduction in reactive surface area begin to reduce the reaction 
rate. Region III is the later stage of the dissolution rate, when decreasing surface area and 














Figure 4-4: Mineral dissolution behavior of southwest Oregon lizardite in terms of Mg, Si, and 
Fe dissolution rate and dissolution percent in the presence of various Si-targeting chelating agents. 
(Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 ml/min, Solvent: pH 3, 
chelating agents (10 mM) shown in legend. Where shown, error bars indicate SD for at least three 
replicate experiments, and absence indicates a single experiment). 
  





















































































































Figure 4-5: Mineral dissolution behavior of southwest Oregon lizardite in terms of Mg, Si, and 
Fe dissolution rate and dissolution percent in the presence of various Si-targeting chelating agents 
and oxalate. (Differential Bed Reactor, T = 90 °C, Psolvent = 10 atm, Qsolvent = 30 ml/min, 
Solvent: pH 3, chelating agents (10 mM) shown in legend. Where shown, error bars indicate SD 
for at least three replicate experiments, and absence indicates a single experiment). 
  



















































































































Chapter	  5	  -­‐ Directed	   Precipitation	   of	   Hydrated	   and	  
Anhydrous	  Magnesium	  Carbonates	  **	  
	  
5.1. Introduction	  
Carbon mineralization is a thermodynamically stable and environmentally benign 
CO2 storage method. Mg-containing sorbents, slurries, or waters can be utilized to both 
capture and store CO2, adsorbing the carbon and creating a comprehensive mitigation 
solution. However, for large-scale carbonation to be a viable industrial process, 
magnesite precipitation must be made to occur rapidly and reliably. Currently, the 
metastability of hydrated magnesium carbonate phases interferes with the production of 
anhydrous magnesite under a variety of reaction conditions. This study is intended to 
investigate a method for controlling the phase of magnesium carbonate obtained during 
carbonation reactions. 
One of the critical steps of any engineered mineral carbonation technology is the 
precipitation of the magnesium carbonate, as this reaction has a number of upstream and 
downstream effects on any process it is involved in. This is primarily because of the 
                                                
 
** A version of this chapter is in preparation for submission as: 
Swanson, Edward J, Kyle J Fricker, Michael Sun, and Ah-Hyung Alissa Park. 
“Directed Precipitation of Hydrated and Anhydrous Magnesium Carbonates”  
 
E.J.S. Conceptualized the investigation, assisted with literature review and 
literature modeling, performed batch reaction modeling, performed bubble column 




number of possible phases of magnesium carbonate that can be formed, some of which 
are summarized in Table 5-1 (Hänchen	   et	   al.	   2008;	   Vágvölgyi,	   Frost,	   et	   al.	   2008a;	  
Raade	   1970;	   Vágvölgyi,	   Hales,	   et	   al.	   2008b). In general, the hydrated magnesium 
carbonates have a higher solubility, making them less efficient at reducing ambient 
carbonate concentrations in an industrial process and more susceptible to dissolution 
under the mildly acidic conditions observed in the presence of CO2. In addition, some of 
the hydrated carbonates can include added water and hydroxide weight, making them less 
efficient in terms of both total mass of product and in terms of stoichiometric utilization 
of Mg. Therefore, capture and storage schemes processing hydrated carbonate species 
will be less robust and likely cost more to operate over time as the effects of the hydrated 
carbonates are felt.  
The thermodynamics of these potential products have been investigated in detail 
in the literature, and it is well established that the anhydrous carbonate Magnesite 
(MgCO3(s)) is the most stable and lowest solubility product under most conditions (Schaef	  
et	  al.	  2011;	  Krupka	  et	  al.	  2010;	  Ferrini	  et	  al.	  2009;	  Hänchen	  et	  al.	  2008;	  Kittrick	  &	  
Peryea	  1986;	  Vágvölgyi,	  Hales,	  et	  al.	  2008b;	  Ming	  &	  Franklin	  1985;	  Ballirano	  et	  al.	  
2010;	   Kloprogge	   et	   al.	   2003;	   Sutradhar	   et	   al.	   2011;	   Zhang	   et	   al.	   2006;	   Davies	   &	  
Bubela	   1973;	   Cheng	  &	   Li	   2009;	  Dong	   et	   al.	   2008). As shown in Figure 5-1, brucite 
(Mg(OH)2(s)) is the only phase with a lower magnesium concentration, and this is only at 
high temperatures and very low carbon dioxide fugacity. However, despite the fact that 
magnesite is the most stable magnesium carbonate over all relevant temperatures and 
CO2 partial pressures, it is seldom the main product reported in the literature. Instead 
numerous metastable hydrated magnesium carbonate species are known to form under 
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certain reaction conditions where magnesite is most stable and persist for long times. 
Metastability within the magnesium carbonate system is a concern to the carbon capture 
and storage field due to long-term stability and efficiency issues discussed above.  
In a review of magnesium carbonate precipitation experiments where the 
magnesium is derived from a magnesium salt or hydroxide – summarized in Table 5-2 
and Table 5-3– magnesite is rarely reported as the main product (Hänchen	  et	  al.	  2008;	  
Krupka	   et	   al.	   2010;	   Giammar	   et	   al.	   2005;	   Sayles	  &	   Fyfe	   1973;	   Ferrini	   et	   al.	   2009;	  
Vágvölgyi,	   Hales,	   et	   al.	   2008b;	   Kittrick	   &	   Peryea	   1986;	   Ming	   &	   Franklin	   1985;	  
Ballirano	  et	  al.	  2010;	  Kloprogge	  et	  al.	  2003;	  Sutradhar	  et	  al.	  2011;	  Zhang	  et	  al.	  2006;	  
Davies	  &	  Bubela	  1973;	  Cheng	  &	  Li	  2009;	  Dong	  et	  al.	  2008). Experiments have shown 
time and again the inability to form magnesite, even at high supersaturation conditions. 
Generally, the formation of magnesite required relatively high temperatures (>90°C), 
significant CO2 partial pressure, which increases magnesite crystallization rates rate 
(Xiong	  &	  Lord	  2008;	  Möller	  1989;	  Botha	  &	  Strydom	  2001;	  Hopkinson	  et	  al.	  2012), 
and long reaction times. The hydrated phases tend form first and, given enough time, will 
slowly transform into the anhydrous carbonate species. The affinity of Mg to water in 
aqueous solution drives the incorporation of water molecules into the carbonate crystal 
structure. At lesser reaction conditions, magnesite formation can be promoted with longer 
reaction times(Smithson	  &	  Bakhshi	  1973;	  Hänchen	  et	  al.	  2008), addition of salt ions to 
interfere with the attraction between Mg and water (Sayles	  &	  Fyfe	  1973), or by addition 
of polymers to reduce the ambient water activity (Sandengen	  et	  al.	  2008).  
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Precipitation of a new solid phase in a closed system involves three steps 
(Vehkamäki	   2006). The first is the formation of a supersaturated solution. 
Supersaturation can be described by the saturation index (Ω), calculated as the logarithm 
of the ion activity product (IAP) divided by the solubility product constant of the phase in 
question (Equation-1). On this scale, a saturated solution has an Ω = 0, a supersaturated 
solution Ω > 0, and an undersaturated solution an Ω < 0. The second step in precipitation 
is the formation of stable crystals of the new phase, also referred to as nucleation. Often 
nucleation in an experimentally relevant period of time will require the solution be 
significantly supersaturated, and moderately supersaturated solutions are sometimes 
referred to as metastable (Stumm	  1992). The final step of precipitation is the growth of 
these newly nucleated crystals of the new phase. In this stage, the soluble components of 






The kinetics of crystal growth are most generally explained by an empirical rate 
law given in Equation-2, where k is the rate constant, omega is the saturation index, and n 
is the reaction order, which is often found to be two (Stumm	  1992). However, this is 
generally found to be an over simplification, as the precipitation rate is not just 
determined by solution supersaturation. Precipitation kinetics are most accurately 
described by fitting a surface speciation model to experimentally derived rates. The 
!









kinetics of formation of some of the magnesium phases noted in Table 5-1 have also been 
investigated in detail. Magnesite is possibly the most studied, with both the precipitation 
rate and dissolution rates and kinetics being widely investigated (Pokrovsky	  et	  al.	  1999;	  
Pokrovsky	  &	  Schott	  1999;	  Saldi	  et	  al.	  2009;	  Saldi	  et	  al.	  2010;	  Bénézeth	  et	  al.	  2011;	  
Saldi	   et	   al.	   2012). The dissolution and precipitation rate of brucite have also been 
investigated (Pokrovsky	   &	   Schott	   2004;	   Pokrovsky	   et	   al.	   2005), however only at 
conditions close to room temperature. In contrast, work on the precipitation kinetics of 




The difficulty in precipitating magnesite is likely caused by a combination of slow 
nucleation and crystal growth rates for magnesite when compared with the hydrated 
carbonates. Magnesite nucleation is known to be rate limiting, requiring adequate time 
and critical level of supersaturation (between 0.25 and 1.14) in experiments at 100 bar 
CO2 and 95 °C (Giammar	  et	  al.	  2005). In order to overcome the kinetic limitations in the 
formation of magnesite, this study proposes the use of magnesite seed particles to direct 
the precipitation of magnesite under industrially relevant conditions, where hydrated 
magnesium carbonates are metastable. Faster nucleation rates and shorter induction times 
have been observed in a seeded magnesite precipitation systems (Sheila	  &	  Khangaonkar	  
1989;	   Giammar	   et	   al.	   2005). Furthermore, the use of seeds in the precipitation of 
calcium carbonate gave precise control over product particle morphology (Donnet	  et	  al.	  
2005).  
R = k Ω−1( )n
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Two magnesium carbonate generating systems are investigated in this study, one 
producing carbonates from a Mg(OH)2 slurry in a pressurized batch reactor and the other 
deriving its carbonates from a dissolved Mg source in a continuous bubble column 
reactor. The central premise to be explored in this study, summarized in Figure 5-2, is 
that the growth of an existing carbonate phase can be achieved under most temperature 
and pressure conditions, provided the supersaturation of the system is not high enough to 
nucleate and grow hydrated magnesium carbonate phases. As illustrated in Figure 5-2, it 
is expected that maintaining the system at only moderately supersaturated conditions will 
allow growth of magnesite provided there is an existing template present. If the 
supersaturation is increased too far beyond this level the hydrated carbonate phases are 
likely to nucleate heterogeneously on to the existing anhydrous carbonate particle. Finally, 
the third situation, homogeneous nucleation can occur if the supersaturation is further 
increased. There are a number of hypotheses that are incorporated into this goal, namely: 
(i) seeding aqueous carbon mineralization reactions can direct precipitation of a desired 
phase, (ii) new phase nucleation requires a higher saturation index than simply growing 
an existing carbonate phase, (iii) magnesite can be grown at a reasonable rate at 
temperatures below 100 °C, and (iv) Mg(OH)2 can be converted directly to magnesite 
without an intermediate phase or extreme CO2 pressures. The potential for seed particles 
to direct magnesite precipitation is evaluated herein. 
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5.2. Experimental	  Methods	  
5.2.1. Seed	  Particle	  Synthesis	  
A single batch of magnesite seed particles were synthesized within the high 
pressure continuously stirred tank reactor (CSTR) (Pressure Products Industries, 
Warminster, PA) depicted in Figure 5-3a. A slurry of basic magnesium carbonate (30 
wt%) in deionized H2O was contained within a glass liner inside the CSTR. CO2 was 
introduced into the reactor headspace at a pressure of 30 atm and was held constant 
throughout the synthesis procedure. After pressurization, the CSTR was heated to 200 °C 
at approximately 3.4 °C/min and held there for 4 hr. After the reactor cooled, the slurry 
was filtered (2.5 μm filter) and the recovered solids were dried under vacuum at 70 °C 
overnight. The resulting magnesite seed particles had a surface area equal to 1.24 m2/g 
and cubic particle morphology as depicted in Figure 5-4. 
5.2.2. Bubble	  Column	  Experiments	  
The bubble column reactor (Figure 5-3b) was constructed from 2" diameter 
acrylic tubing, while the gas distributor at the bottom of the column was made from a 
1/8" thick sheet of PTFE (Mcmaster Carr, Robbinsville, NJ), with custom laser-cut 
0.05mm diameter holes for gas flow. Nitrogen and carbon dioxide can be mixed in any 
ratio thanks to a pair of mass flow controllers (Brooks Instruments, Hatfield, PA). Prior 
to introducing the gas into the column, it was heated to the reaction temperature and 
partially hydrated with using a heated bubble column made of a 1.5’ long section of 1” 
diameter 316SS tubing, temperature controlled with using heating tape and a PID 
controller (Omega, Stamford, CT). Temperature control within the bubble column was 
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achieved using a loop of 1/8" stainless steel fed by a temperature controlled water bath 
(Julabo, Vista, CA).  
Experiments were initiated via one of two methods: 1. The solution was 
equilibrated with the gas phase, and then adding magnesium ions at a predetermined rate 
initiated the reaction, or 2. The experiment began with a solution of magnesium salts and 
then the introduction of carbon dioxide into the gas phase initiated the reaction. The 
progress of the reaction can be tracked using a number of on-line and off-line 
measurements. Liquid samples extracted and filtered (using a 0.2 μm filter) can be 
analyzed using ICP-AES for dissolved magnesium ions. The pH of the solution is 
normally tracked using a pH meter in the reaction medium. Solids created during the 
reaction can be analyzed using total carbon analysis, inorganic carbon analysis, XRD and 
SEM. 
5.2.3. Batch	  Reactor	  Experiments	  
Mg(OH)2 carbonation in the slurry phase was investigated with the CSTR 
described previously (Figure 5-3). Within the reactor, a 300 mL glass liner contained the 
liquid phase and was stirred vigorously at 700 rpm. The Mg(OH)2 slurry concentration 
was held constant at  2.9 wt% through all experiments and comprised 8.75 g dry 
Mg(OH)2 (Acros Organics, Geel, Belgium) dispersed in 300 mL deionized H2O. Seeded 
experiments included 5.34 g of anhydrous magnesite (MgCO3) particles, which translated 
to 30 mol% of the solids. After sealing the CSTR vessel but prior to experimentation, 
high-purity nitrogen (N2) purged the headspace for 10 min. The reactor was heated to the 
reaction temperature (80-150 °C), and once pressure was stable, the experiment was 
initiated by opening a valve connected to a 15 atm carbon dioxide (CO2) source. The 
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valve would remain open throughout the experiment (120 min) in order to maintain a 
constant CO2 pressure.  A data acquisition board connected with internal thermocouples 
and a pressure transducer (Omega, Stamford, CT) provided a record of the experimental 
conditions.  
A slurry sampling system was constructed from valves and a dip tube to extract 
small liquid and solid aliquots from the bulk fluid. Samples (approximately 2 mL each) 
were taken at 15 min intervals at most to ensure no significant alteration of liquid 
contents over the entire experimental run. After passing through an 11 μm filter, liquid 
aliquots (200 μL) were combined with 2 wt% nitric acid before measuring Mg2+ 
concentration analysis via ICP-OES. Solids recovered as filter cake were dried overnight 
at 70 °C under vacuum before subsequent analysis by TGA, XRD, and inorganic carbon 
analysis. 
5.3. Results	  and	  Discussion	  
5.3.1. Aqueous	  Carbonation	  of	  Magnesium	  Literature	  
At the outset of this project, an extensive literature review was performed to 
identify the optimal conditions for magnesite precipitation. The literature was segmented 
into studies that used a salt of magnesium as the magnesium source, and those that began 
with magnesium hydroxide. Those that started with a magnesium salt were much more 
varied in terms of starting material, temperature, and carbon source. These studies are 
summarized in Table 5-2, where they have been ordered according to the phase of 
magnesium carbonate produced. The four magnesium carbonates observed in the 
literature review were Hydromagnesite (Vágvölgyi,	  Frost,	  et	  al.	  2008a;	  Hänchen	  et	  al.	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2008;	   Zhang	   et	   al.	   2006;	   Cheng	   &	   Li	   2010), Lansfordite (Ming	   &	   Franklin	   1985), 
Magnesite (Hänchen	  et	  al.	  2008) and Nesquehonite (Hänchen	  et	  al.	  2008;	  Krupka	  et	  al.	  
2010;	  Giammar	  et	  al.	  2005;	  Ferrini	  et	  al.	  2009;	  Sayles	  &	  Fyfe	  1973;	  Vágvölgyi,	  Hales,	  
et	  al.	  2008b;	  Kittrick	  &	  Peryea	  1986;	  Ming	  &	  Franklin	  1985;	  Ballirano	  et	  al.	  2010;	  
Kloprogge	   et	   al.	   2003;	   Sutradhar	   et	   al.	   2011;	   Zhang	   et	   al.	   2006;	   Davies	   &	   Bubela	  
1973;	   Cheng	   &	   Li	   2009;	   Dong	   et	   al.	   2008). The group of studies that started with 
magnesium hydroxide were slightly less variable in reaction conditions, but the same four 
carbonates were reported: Hydromagnesite (Möller	  1989;	  Xiong	  &	  Lord	  2008;	  Botha	  &	  
Strydom	  2001;	  Hopkinson	  et	  al.	  2012), Lansfordite (Hänchen	  et	  al.	  2008;	  Smithson	  &	  
Bakhshi	  1973), Magnesite (Sayles	  &	  Fyfe	  1973;	  Schaef	  et	  al.	  2011), and Nesquehonite 
(Sandengen	  et	  al.	  2008;	  L.	  Zhao	  et	  al.	  2010;	  Schaef	  et	  al.	  2011;	  Mitsuhashi	  et	  al.	  2005;	  
Park	  et	  al.	  2003;	  Smithson	  &	  Bakhshi	  1973;	  Harrison	  et	  al.	  2013;	  Hopkinson	  et	  al.	  
2012). While there are likely more reports of magnesium carbonate precipitation in the 
literature, this search was limited to those that contained sufficient data for modeling the 
reaction conditions. 
In an attempt to reconcile the differences in experimental conditions that were 
used in each of the above referenced studies so that they could be compared on a 
consistent basis, the conditions of each experiment was modeled in the geochemical 
modeling package PHREEQC (Vehkamäki	   2006;	   Appelo	   2013). The results of the 
simulations are shown in Figure 5-5. Those experiments starting with a magnesium salt 
are shown in Figure 5-5a, and those starting with magnesium hydroxide are in Figure 
5-5b. It should be noted that, in recreating these experiments, there was no way to 
account for the timing of the experiments; the kinetics associated with precipitation and 
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the addition rate of the raw materials could not be simulated. All of the experiments were 
modeled as an instantaneous combination of the reactants, so the saturation index 
calculated for each experiment was the maximum that could be achieved given the 
reagents used.  
The comparison of literature experiments in Figure 5-5 illustrates a few general 
trends in the magnesium carbonate literature. When it is formed, Lansfordite only appears 
at low temperatures. Nesquehonite is quite common in general, and is usually formed at 
moderate temperatures. Hydromagnesite appears to be the next most common phase, and 
forms over roughly the same range of temperatures. Finally, magnesite tends to only form 
at higher temperatures. There does not appear to be any relationship between saturation 
index and the phase formed, beyond a rough correlation between temperature and the 
saturation index of the experiments performed using dissolved magnesium salts. The lack 
of distinct trends in Figure 5-5 illustrates that the route to forming magnesium carbonates 
is more complicated than simply supersaturation and temperature, so the pathway to the 
products must be important, as will be shown below. 
5.3.2. Effect	   of	   Seed	   Particles	   on	   Batch	   Mg(OH)2	   Slurry	   Carbonation	  
System	  
Brucite can act as both Mg source for carbon mineralization as well as a solid 
surface for carbonate precipitation. The homogeneous carbonation reaction is driven by 
heterogeneous CO2 solvation and Mg(OH)2 dissolution. While magnesite formation 
requires high temperatures to overcome the formation of metastable carbonates, the CO2 
solvation and therefore Mg(OH)2 dissolution (favored at low pH and high concentration 
of HCO3-) is favored at low temperature. The Mg(OH)2 slurry carbonation system has 
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been investigated broadly, and it is generally understood that for a given CO2 pressure, 
increasing the temperature will influence the carbonate phase produced greatly. The 
predominant carbonate species which form in the slurry carbonation system can be 
ordered according to the temperature at which they form from lowest to highest, as such: 
nesquehonite, dypingite, hydromagnesite, and magnesite (Harrison	   et	   al.	   2013;	  
Hövelmann	  et	  al.	  2012;	  Schaef	  et	  al.	  2011;	  Pronost	  et	  al.	  2011;	  L.	  Zhao	  et	  al.	  2010;	  
Xing	  et	  al.	  2010;	  Xiong	  &	  Lord	  2008;	  Mitsuhashi	  et	  al.	  2005;	  Botha	  &	  Strydom	  2001).  
Hydromagnesite is expected to form at temperatures above those favored by 
nesquehonite, typically higher than 52-60 °C in similar aqueous systems (Cheng	   &	   Li	  
2010;	  Davies	  &	  Bubela	  1973;	  Botha	  &	  Strydom	  2001;	  Zhang	  et	  al.	  2006). Its thermal 
stability range within slurry systems extends to 150 °C at least (at PCO2 = 15 atm, see 
Figure 5-6), and others have formed hydromagnesite at 120 °C and 3 bar CO2 (Giammar	  
et	  al.	  2005;	  Hänchen	  et	  al.	  2008). It is possible that temperature alone does not drive the 
formation of hydromagnesite, but that the solid Mg(OH)2 in the system acts as a surface 
for which carbonates to precipitate. This assertion is supported by incorporation of 
hydroxide within the chemical structure of hydromagnesite (Mg5(CO3)4(OH)2·4H2O). 
Figure 5-6 contains the XRD pattern of the solids recovered from a Mg(OH)2 slurry 
carbonation experiment operated at 150 °C and 15 atm CO2 for 120 min. The product is 
nearly pure hydromagnesite (~94% conversion) and exhibits the characteristic 
crystallographic peaks of hydromagnesite at 31°, 15°, and 14° in order of decreasing 
intensity (Sheila	  &	  Khangaonkar	  1989;	  Downs	  2006;	  Giammar	  et	  al.	  2005). 
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In an experiment at identical conditions, but with 30 mol% magnesite seed 
particles introduced to the slurry before reaction, the produced solids take on an entirely 
different form. Also on Figure 5-6 is the XRD pattern of solids recovered after 120 min 
in the seeded experiment. The dominant peaks, 33°, 43°, and 54° in order of decreasing 
intensity, are consistent with the magnesite crystal structure. The products in the 
magnesite-seeded experiment at 150 °C contained no hydromagnesite. 
5.3.3. Effect	   of	   Temperature	   on	   Magnesite-­‐Seeded	   Mg(OH)2	  
Carbonation	  
Slurry samples were taken throughout the carbonation reactions to collect both 
aqueous and solid samples, providing insight into the reaction mechanism. The effect of 
temperature on magnesite-seeded Mg(OH)2 slurry carbonation was investigated in the 
range of 80-150 °C  to determine the limits of the seeding technique for forming 
magnesite at conditions where it would otherwise not form. Figure 5-7(a-d) contains solid 
analysis in the form of Mg(OH)2 conversion to magnesite (a) and Mg(OH)2 conversion to 
hydromagnesite (b) as well as liquid analysis of both aqueous Mg2+ concentration (c) and 
the percent of total Mg within the system dissolved in the aqueous phase (d), all as a 
function of reaction time. 
The slurry carbonation experiments at 150 °C provide a clear example of the 
effect magnesite seeds have on carbonate phase produced. Nearly 95% of the Mg(OH)2 
was converted to magnesite experiment after 75 min. Whereas 94% of the Mg(OH)2 was 
converted to hydromagnesite after 60 min in the experiment with brucite seed alone. 
Kinetically, the brucite seeded experiment resulted in faster carbonate formation, which 
is likely due to the faster speed of hydromagnesite nucleation and growth. In the 
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magnesite-seeded test, hydromagnesite formation is suppressed and the slower magnesite 
kinetics are observed. In the aqueous phase, Mg2+ concentration is always higher in the 
brucite-seeded tests. The higher solubility of hydromagnesite dictates the increased Mg2+ 
concentrations in the brucite-seeded test at 150 °C. The relative maximum at 45 min in 
the brucite-seeded test and 60 min in the magnesite-seeded test relate to the competition 
between dissolution and precipitation phenomena. As Mg(OH)2 dissolves, the Mg2+ in 
solution builds until precipitation dominates. After complete conversion in the brucite-
seeded test, a slight rise in Mg2+ is observed, which could be described by the 
equilibration of the newly formed hydromagnesite solids with the CO2 saturated aqueous 
phase.  
At the lower temperatures, 80 °C and 120 °C, the Mg(OH)2 was converted into a 
mixture of magnesite and hydromagnesite during magnesite-seeded experiments. As 
depicted in the conversion plots (Figure 5-7(a-b)), more Mg(OH)2 was converted to 
magnesite at 120 °C than 80 °C, with conversion of 24% versus 5% respectively. In 
Figure 5-7(b), the hydromagnesite conversion rate is shown to increase with reaction 
temperature. Interestingly, some of the hydromagnesite produced at 120 °C was 
converted to magnesite in 60 min of reaction time, possibly due to aging effects. Due to 
the kinetic limitations in forming magnesite, for a given set of experimental conditions 
there is a specific time limit that must be passed before magnesite can form. In the liquid 
phase, the concentration of Mg2+ in solution increased as temperature decreased due to 
increased CO2 solubility and hydroxide solubility. At 80 °C almost 18% of total Mg 
within the system existed in the aqueous phase. 
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Figure 5-8(a-d) combines the solid and liquid analysis data to follow the Mg with 
time under each experimental condition. Magnesite-seeded Mg(OH)2 carbonation at 
150 °C, Figure 5-8(a), shows gradual conversion of Mg(OH)2 to magnesite, with very 
minimal Mg in the aqueous phase and high overall conversion. At 150 °C but with 
brucite seed, Figure 5-8(b), fast, though incomplete, conversion of Mg(OH)2 to 
hydromagnesite is observed with almost 10% of the Mg inaccessible for carbon storage 
due to hydromagnesite’s solubility. The experiments at reduced temperature, which 
produced mixtures of hydromagnesite and magnesite from the Mg(OH)2, required a 
combination of analytical techniques to calculate their composition. The most accurate 
technique, total carbon analysis, cannot distinguish between carbonates; therefore that 
data in combination with thermal decomposition data was used to estimate composition. 
Therefore, the calculation of Mg mass fraction in experiments producing multiple 
carbonate phases had an error of 3%. At 120 °C, Figure 5-8(c), significant magnesite 
growth is observed with complete conversion of the brucite to a carbonate. Lastly, Figure 
5-8(d) shows that minimal production of magnesite was observed at 80 °C with a 
significant amount of Mg dissolved within the aqueous phase at the end of reaction.  
These observations suggest there could be a few different limitations to the 
precipitation rate of magnesite from brucite. At early times when there is little to no 
dissolved Mg, the overall reaction could be limited by the dissolution rate of brucite, but 
later in the reactions when there is abundant dissolved Mg present, it appears to be 
limited by the precipitation rate and solubility of the carbonate products. These 




5.3.4. Modeling	  the	  seeded	  production	  of	  Magnesite	  
The conversion of magnesium hydroxide to carbonate was modeled in using a 
combination of the geochemical simulation software PHREEQC and published 
precipitation rates for magnesite (Donnet	   et	   al.	   2005;	   Appelo	   2013). The 
thermodynamic database used in PHREEQC was llnl.dat. While this database contains 
thermodynamic data for a wide range of reactions, those of particular interest to this 
study are shown below. The first is the dissolution of CO2 into the aqueous phase, 
calculated by a conventional Henry’s law relationship (R1). The next is the hydration 
reaction of CO2 with water and subsequent dissociation to form bicarbonate and 
carbonate ions (R2). The protons from carbonate dissociation react with magnesium 
hydroxide to yield dissolved magnesium ions (R3), and these combine with the carbonate 
ions to form magnesite (R4). Since there is limited information on the precipitation 
kinetics of hydromagnesite (the secondary phase formed in the experiments above) it is 
ignored in these simulations. Instead, magnesite precipitation was modeled using the 
BET surface area normalized reaction rate recently published by Saldi et. al.(R5), where 
k-Mg is a rate constant, KOH and KCO3 are equilibrium constants, and the ai terms are 
solution phase activities of the species i (Saldi et al. 2012). 
 
CO2(g) ßà CO2(aq)       (R1) 
CO2(aq) + H2O(l) ßà HCO3-(aq) + H+(aq) ßà CO32-(aq)+ 2H+(aq)  (R2) 
Mg(OH)2(aq) + 2H+(aq) ßà Mg2+(aq) + 2H2O(l)  (R3) 
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Mg2+(aq) + CO32-(aq) ßà MgCO3(s)     (R4) 
  (R5) 
 
This system was simulated for the three cases of 150 °C, 120 °C, and 80 °C in the 
presence of 30 mol% magnesite seeds. As was noted at the end of the last section, the 
experimental data indicated that brucite dissolution rates appear to be limiting the 
precipitation at early times in these reactions. Since a dissolution rate equation for brucite 
has not been published at high temperature, brucite solubility was manually restrained to 
achieve a similar effect. The brucite saturation index was set to -2.25 for 80 °C, -1.3 for 
120 °C, and -0.22 for 150 °C. While using the brucite saturation index as a fitting 
parameter is not ideal, the values required to yield a representative trend in the 
simulations results are reasonable and follow the expected relationship; as the reaction 
temperature increases, the dissolution rate of brucite will increase and it will approach 
equilibrium with the surrounding solution. It should also be noted there is currently no 
method to decouple the limitations in brucite dissolution rate from limitations in the CO2 
hydration rate, another reaction that is know to be slow. For the purposes of this 
discussion, the two limitations will simply be referred to as brucite dissolution, under the 
assumption that the actual limitation is like a combination of factors.  
The results of these simulations are shown in Figure 5-9. Figure 5-9a shows the 
conversion to magnesite over time for the three temperatures, illustrating that the highest 
temperature reaches near complete conversion fastest, followed in order by the two lower 
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temperatures. Figure 5-9b-d show the distribution of Mg between the three phases 
tracked in the simulation, brucite, magnesite and dissolved Mg. Across all of the 
conditions, the amount of dissolved Mg is much lower than observed in the experiments. 
This is likely caused by two phenomena: the brucite dissolution limitation discussed 
above and the formation of Hydromagnesite as a dissolved magnesium sink. The 
simulations also show that while, in a best case scenario, the conversion to magnesite 
should be complete at both 120 °C and 150 °C, the best that can be expected at 80 °C is 
~20% conversion. In light of these results, it is clear that the conversion of magnesium 
hydroxide to magnesite is possible, and is primarily limited by the precipitation rate of 




The conversion of magnesium salts and hydroxides to anhydrous magnesium 
carbonate is a challenging reaction to achieve reliably and reproducibly at reasonable 
process conditions. The persistence of metastable magnesium carbonate species reduces 
the overall efficiency of a carbon mineralization process due to the bulky nature and 
solubility limitations of the hydrated magnesium carbonates. In this study it was shown 
that this difficulty can be reduced significantly by circumventing the relatively slow 
nucleation and growth reactions of magnesite. Reactions seeded with existing crystals of 
magnesium carbonate direct the crystal growth to that phase, yielding magnesite under 
conditions that, though thermodynamically suitable for magnesite formation, favor 
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hydrated magnesium carbonate formation. In the high-pressure brucite slurry carbonation 
system at 150 °C, the presence of magnesite seeds avoided the formation of metastable 
species entirely. It was also shown that it is possible to grow magnesite crystals below 
100 °C and with low CO2 partial pressures, something that was previously thought far 
more difficult. In a practical application, directed magnesite formation could utilize a 
recycled portion of the carbon mineralization reactor effluent to provide the necessary 
seed surface area to achieve high magnesite kinetics and conversions. Future work aims 





Table 5-1: Commonly observed magnesium carbonate and hydroxide phases 
Phase	   Formula	  
Hydromagnesite	   Mg5(CO3)4(OH)2	  :	  4H2O	  
Magnesite	   MgCO3	  
Nesquehonite	   MgCO3	  :	  3H2O	  
Lansfordite	   MgCO3	  :	  5H2O	  








Figure 5-1: Phase Diagram depicting the solubilities of Mg carbonates and hydroxide as a 
function of temperature and CO2 fugacity. 
 
  

































































Figure 5-2: Schematic summarization of hypotheses related to magnesite synthesis, including the 






















































1985	   Mg(HCO3)2	   CO2	  
4	   3.91x10-­‐4	   Lansfordite	   3.7	  
2	  
Ballirano	  
2010	   MgCl2·∙6H2O	   CO2	  
20	   1.00	   Nesquehonite	   3.5	  
3	  
Cheng	  
2009	   MgCl2·∙6H2O	   Na2CO3	  
10	   3.91x10-­‐4	   Nesquehonite	   3.8	  
4	  
Cheng	  
2009	   MgCl2·∙6H2O	   Na2CO3	  
40	   3.91	  x10-­‐4	   Nesquehonite	   4.3	  
5	  
Davies	  
1973	   Mg(HCO3)2	   CO2	  
60	   3.91	  x10-­‐4	   Nesquehonite	   5.5	  
6	  
Dong	  
2008	   MgCl2·∙6H2O	   Na2CO3	  
40	   3.91	  x10-­‐4	   Nesquehonite	   4.6	  
7	  
Ferrini	  
2009	   MgCl2·∙6H2O	   CO2	  
20	   1.00	   Nesquehonite	   3.9	  
8	  
Hanchen	  
2008	   MgCl2·∙6H2O	   Na2CO3,	  CO2	  
25	   9.90	  x10-­‐1	   Nesquehonite	   3.9	  
9	  
Kloprogge	  
2003	   MgCl2·∙6H2O	   Na2CO3	  
25	   3.91	  x10-­‐4	   Nesquehonite	   3.8	  
10	  
Ming	  
1985	   Mg(HCO3)2	   CO2	  
10	   3.91	  x10-­‐4	   Nesquehonite	   3.8	  
11	  
Sutradhar	  
2011	   Mg(NO3)2	   (NH4)2CO3	  
130	   3.91	  x10-­‐4	   Nesquehonite	   5.3	  
12	  
Vágvölgyi	  
2008	   Mg(NO3)2	   HCO3
-­‐	  
45	   3.91	  x10-­‐4	   Nesquehonite	   4.3	  
13	  
Zhang	  
2006	   Mg(NO3)2	   K2CO3	  
75	   3.91	  x10-­‐4	   Nesquehonite	   5.0	  
14	  
Cheng	  
2010	   MgCl2·∙6H2O	   Na2CO3	  
50	   3.91	  x10-­‐4	   Hydromagnesite	   4.6	  
15	  
Cheng	  
2010	   MgCl2·∙6H2O	   Na2CO3	  
90	   3.91	  x10-­‐4	   Hydromagnesite	   5.1	  
16	  
Hanchen	  
2008	   MgCl2·∙6H2O	   Na2CO3,	  CO2	  
120	   2.97	   Hydromagnesite	   5.6	  
17	  
Vágvölgyi	  
2008	   Mg(NO3)2	   Na2CO3	  
45	   3.91	  x10-­‐4	   Hydromagnesite	   4.3	  
18	  
Zhang	  
2006	   Mg(NO3)2	   K2CO3	  
80	   3.91x10-­‐4	   Hydromagnesite	   4.0	  
19	  
Hanchen	  
2008	   MgCl2·∙6H2O	   Na2CO3,	  CO2	  
120	   2.97	   Magnesite	   5.6	  
20	  
Hanchen	  
2008	   MgCl2·∙6H2O	   Na2CO3,	  CO2	  






















1	   Smithson	  1973	   CO2	   9	   3.91	  x10
-­‐4	   Lansfordite	   4.5	  
2	   Harrison	  2013	   CO2	   25	   1.00	   Nesquehonite	   2.9	  
3	   Harrison	  2013	   CO2	   25	   5.00	  x10
-­‐1	   Nesquehonite	   2.8	  
4	   Harrison	  2013	   CO2	   25	   1.00	  x10












CO2	   70	   1.00	   Nesquehonite	   5.5	  
8	   Park	  2003	   CO2	   20	   15.0	   Nesquehonite	   5.9	  
9	   Schaef	  2011	   CO2	   50	   81.2	   Nesquehonite	   6.8	  
10	   Smithson	  1973	   CO2	   28	   3.91	  x10
-­‐4	   Nesquehonite	   3.6	  
11	   Smithson	  1973	   CO2	   38	   3.91	  x10
-­‐4	   Nesquehonite	   3.1	  
12	   Zhao	  2010	   CO2	   70	   15.0	   Nesquehonite	   6.1	  




CO2	   25	   1.00	   Hydromagnesite	   2.4	  
15	   Xiong	  2008	   CO2	   22.5	   5.02	  x10
-­‐2	   Hydromagnesite	   5.5	  







Figure 5-5: Literature experiments involving the production of magnesium carbonate solids, 
compared based on saturation index and temperature of the experiment. Magnesium carbonate 
phase is indicated by the symbol, and numbers refer to studies listed in Tables 2 & 3. The two 
panels summarize those carbonates made from (a) dissolved magnesium salts and (c) magnesium 
hydroxide 
  






































(a) Dissolved Mg Salt Conversion 





































Figure 5-6: Effect of seed on Mg(OH)2 slurry carbonation at 150 °C after 120 min reaction time. 
  
























Figure 5-7: Effect of temperature on seeded batch carbonation of Mg(OH)2 in the slurry phase. 
(a) conversion of Mg(OH)2 to anhydrous MgCO3, (b) conversion of Mg(OH)2 to hydromagnesite. 
  













No Seeds at 150°C Magnesite Seeds at 150°C
Magnesite Seeds at 120°C
Magnesite Seeds at 80°C
Inert Seeds at 150°C
(a) Conversion to Magnesite

















Figure 5-8: Distribution of Mg from Mg(OH)2 across three solid phases and dissolved phase, 
ignoring Mg from seed particles, if present. (a) 150 °C with no seed particles, (b) 150 °C with 
inert seeds, (c) 150 °C with magnesite seed, (d) 120 °C with magnesite seed, (e) 80 °C with 
magnesite seed. 
  




















(a) - No Additional Seeds at 150°C
























(b) - Inert Seeded at 150°C




















(c-1) - Magnesite Seeded at 150°C




















(c-2) - Magnesite Seeded at 120°C






















Figure 5-9: Modeling of Mg(OH)2 slurry system seeded with 30 mol% magnesite particles. (a) 
Experimental conversion of Mg(OH)2 to magnesite in seeded experiments at 150°C, 120°C and 
80°C. (b-d) Simulated fate magnesium in at 150°C, 120°C and 80°C, respectively. 
 
  




















Dissolved MgMg(OH)2 Magnesite 
(b) - Inert Seeded at 150°C
















(a) Simulated Conversion to Magnesite



















(b) Magnesite Seed at 150°C



















(c) Magnesite Seed at 120°C



















(d) Magnesite Seed at 80°C
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Chapter	  6	  -­‐ Integration	   Into	   an	   Energy	   Conversion	  
System	  
6.1. Introduction	  
There is a wide spread consensus anthropogenic carbon dioxide emissions are 
changing our planet. The atmosphere is warming because of the greenhouse gas effect 
and the oceans are becoming more acidic.(Stocker	  et	  al.	  2013) At the same time, global 
population continues to grow, as does the worldwide demand for electricity.(IEA	  2013) 
In the face of these pressures, there is significant demand for a technology that would 
allow for the continued use of fossil fuels without the associated emissions of carbon 
dioxide. One such alternative is the merging of an accelerated mineral weathering process 
with fossil fuel energy conversion. 
Mineral weathering is a naturally occurring series of reactions that plays a roll in 
regulating the amount of carbon dioxide in the atmosphere. It is the link between the 
largest carbon reservoir on earth – sedimentary carbonates with >60,000,000 GtC – and 
one of the smallest – the atmosphere with only 720 GtC.(Falkowski	  et	  al.	  2000) Harold 
Urey first linked weathering reactions to the global carbon cycle when he described the 
reactions that now bear his name.(Appelo	  2013;	  Urey	  1952) The carbonation reaction is 
spontaneous and exothermic, making it an attractive option for incorporation into an 
industrial process.(Seifritz	  1990;	  Lackner	  et	  al.	  1995) These reactions can be harnessed 
for carbon sequestration by either encouraging the reaction of CO2 with existing mineral 
formations underground, (Kelemen	  &	  Matter	  2008;	  Matter	  &	  Kelemen	  2009;	  Kelemen	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et	  al.	  2011;	  Kelemen	  &	  Hirth	  2012) or by reacting it directly with mined minerals in an 
industrial setting.  
While there are a number of industrial wastes(Stolaroff	  et	  al.	  2005;	  Renforth	  et	  
al.	  2011) and minerals(Oelkers	  et	  al.	  2008;	  Lackner	  et	  al.	  1997) that could be used as a 
feedstock for an accelerated mineral weathering process, one of the most abundant is 
serpentine (Mg3Si2O5(OH)4), a partially hydrated magnesium silicate. Serpentine reacts 
with carbon dioxide to form silica, water, and a magnesium carbonate according to R1. 
Historically, three process arrangements for accelerating mineral carbonation have been 
explored for incorporating an accelerated mineral weathering process into an energy 
conversion system. While the overall reaction is the same between all three options, they 
differ primarily in terms of reaction order, process conditions, and of course the energy 
requirements. 
 
Mg3Si2O5(OH)4(s) + 3CO2(g) à 2SiO2(s) + 3MgCO3(s) + 2H2O(l) (R1) 
 
In the first process arrangement, an ultramafic mineral can be reacted directly 
with high-pressure carbon dioxide.(Gerdemann	   et	   al.	   2007) When incorporating 
serpentine into this process, it was found that a high-temperature treatment was necessary 
to remove crystal waters and reduce the crystallinity of the material, making it much 
more reactive.(McKelvy	   et	   al.	   2004) The extreme conditions necessary to make this 
reaction work – high temperature pretreatment of mineral, high CO2 partial pressure (15-
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18 MPa), and reaction temperatures >150 °C – are necessary because there are three very 
different reactions taking place under a single set of conditions. Since these three 
reactions share many species, rather extreme conditions are required to achieve an 
appreciable reaction rate. First, serpentine reacts with protons to form silica and dissolved 
magnesium (R2). Protons are required at a relatively high activity to drive this reaction 
forward, even after the thermal treatment of the starting material. Thus, CO2 must react 
with water to form carbonic acid in the presence of a relatively high proton activity (R3), 
while maintaining a high carbonate ion activity to facilitate the precipitation of magnesite 
(MgCO3(s)) in R4. This need for a high carbonate ion activity in the presence of a high 
proton activity necessitates a high CO2 partial pressure. The reaction conditions make 
sense when viewed in the face of these requirements.  
 
Mg3Si2O5(OH)4(s) + 6H+(aq) à 2SiO2(s) + 3Mg2+(s) + 5H2O(l)  (R2) 
CO2(g) + H2O(l) à H2CO3(aq) à 2H+(aq) + CO32-(aq)   (R3) 
Mg2+(aq) + CO32-(aq) à MgCO3(s)     (R4) 
 
It should be noted that, while possible, generating the CO2 partial pressure and 
temperature necessary to force the above reactions forward at an appreciable rate could 
be prohibitively expensive. Creating a stream of CO2 at the required pressures would 
require a conventional amine based capture and compression plant,(NETL	  2010) and the 
additional costs of heating the conversion reactors would have to be incorporated into the 
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cost of the mineral acceleration plant. In addition, capital costs associated with building 
the high-pressure reactors would be significant. While the authors have suggested there 
are ways to reduce these costs in personal discussion, the published record indicates an 
accelerated mineral weathering process using serpentine would cost upwards of 
$400/tonne CO2 sequestered, not including the cost of separating and pressuring the 
incoming CO2.(Gerdemann	  et	  al.	  2007) 
In the second process arrangement, the differing conditions for magnesium 
extraction and carbonate precipitation are addressed. In general, these arrangements 
convert the magnesium in serpentine to carbonate in two distinct steps. The magnesium is 
first separated from the ultramafic mineral as a hydroxide (R5), then converted to 
carbonate via a reaction with CO2 (R6). The benefit of this arrangement is that the 
extraction and carbonation reactions occur under vastly different conditions, which 
generally relaxes the severity of the conditions required for each reaction. A number of 
methods have been described for converting the magnesium silicate to a hydroxide. The 
first extracted the magnesium with an acid, followed by a thermal evaporative process for 
recovery of the acid.(Lackner	  et	  al.	  1996) In order to reduce the amount of water that 
needed to be driven off, the authors noted the mineral could also be dissolved into an 
acidic thermal melt of MgCl2, but due to corrosion concerns this option is not industrially 
viable.(Lackner	  2002) In another series of developments, both ammonium sulfate and 
bisulfate have been used to extract the magnesium, but these routes also require 
significant energy for a thermal regeneration process.(Pundsack	  1967;	  Highfield,	   Lim,	  
Fagerlund	   &	   Zevenhoven	   2012a;	   Highfield,	   Lim,	   Fagerlund	   &	   Zevenhoven	   2012b;	  
Nduagu,	  Bergerson,	  et	  al.	  2012a;	  Nduagu,	  Bjorklof,	  Fagerlund,	  Warna,	  et	  al.	  2012c;	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Nduagu,	   Bjorklof,	   Fagerlund,	   Makila,	   et	   al.	   2012b;	   Nduagu	   et	   al.	   2013) Once the 
magnesium is in a hydroxide form, the reaction with CO2 can take place in either an 
aqueous or gaseous system. However, like the direct carbonation route, this option 
requires a moderately high partial pressure of CO2 (1.5-3.0 MPa) in order to achieve an 
appreciable reaction rate.(Butt	   et	   al.	   1996;	   Fagerlund	   et	   al.	   2010;	   Fagerlund	   &	  
Zevenhoven	  2011;	  Fagerlund	  et	  al.	  2012;	  Fricker	  &	  Park	  2013)  
 
Mg3Si2O5(OH)4(s) + H2O(aq) à 2SiO2(s) + 3Mg(OH)2(s)  (R5) 
Mg(OH)2(s) + CO2(g) à MgCO3(s) + H2O(l)   (R6) 
 
Lastly, the “pH swing” approach performs the entire process under aqueous 
conditions in the presence of a number of chemical and biological catalysts (Park et al. 
2003; Park & Fan 2004; Patel, Park, et al. 2013a). The goal of this process arrangement is 
to complete the extraction of magnesium and precipitation of carbonates at far more 
moderate conditions than the processes described above. The magnesium is dissolved at 
low pH in the presence of chemical chelating agents that accelerate the reaction, while 
the magnesium carbonate is precipitated at high pH with the solution in exposed to flue 
gas. By avoiding high temperatures and pressures, this technology attempts to avoid the 




6.2. Process	  Description	  	  
The mass and energy balance for an integrated carbon capture and accelerated 
mineral weathering process is illustrated in Figure 6-1. This process begins with CO2 rich 
flue gas entering from a coal-fired power plant (Stream 1). The mass flows and 
temperature of this stream were based on Stream 13 of Case 12 in the Cost and 
Performance Baseline produced by the National Energy Technology Laboratory 
(NETL).(NETL	  2010) Heat from Stream 1 is used to preheat the acid that will be used to 
dissolve serpentine (Stream 3 & 8), before being introduced into a joint 
capture/precipitation unit that will both capture CO2 from the gas phase and precipitate 
magnesium carbonate. Also introduced into the precipitation unit is the strong base 
necessary to neutralize the carbonic acid produced as the carbon dioxide adsorbs into 
solution, a process that is catalyzed by a biocatalyst material, which was developed in an 
on-going collaboration.(Patel,	   Park,	   et	   al.	   2013a) This catalyst was found to be stable 
for more than 12 hours under process relevant conditions.(Patel,	  Swanson,	  et	  al.	  2013b) 
The CO2 lean flue gas leaves the process via Stream 18.  
The acid (Stream 8) is combined with serpentine in a series of batch reactors that, 
for the purposes of this mass and energy balance, are represented in Figure 6-1 as a 
continuous stirred-tank reactor (CSTR). Because this is only an initial approximation, the 
CSTR simplification is sufficient for our needs. In addition, the chemical catalysts 
oxalate and catechol are added to the reactor at 10 mM each. The dissolution reaction 
operates at 90°C, yielding silica and a magnesium salt of the acid used for the dissolution 
process – most likely MgCl2. The silica is separated from the dissolved magnesium 
solution and fed into a washing cycle to remove and recycle any surface adsorbed catalyst. 
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The overall process was assumed to operate according to the parameters defined 
in Table 6-1. They include temperatures of key streams and reactors, in addition to 
efficiencies of capture for each of the species in the incoming flue gas stream and the 
mineral feed stock. In addition, to facilitate calculation of material flows, it was assumed 
the magnesium carbonate and sulfite are insoluble and thus all of the magnesium salt 
introduced into the carbonate precipitator is utilized for precipitation reactions. While this 
is not a completely unreasonable assumption, in order to account for the lost magnesium 
in the waste streams, the mineral utilization was scaled back from 80% to 75%. 
 
6.3. Life	  Cycle	  Analysis	  
For the mineral carbonation process to be successful, it must not only be 
economical but also carbon negative (i.e., mitigate more CO2 than the process emits over 
its entire lifecycle). To investigate this, a carbon Life Cycle Analysis (LCA) was 
conducted to specifically examine the carbon dioxide emitted/mitigated for NETL’s Case 
12 power plant. The assumptions for the model are detailed below.  
Main assumptions for LCA model  
The LCA examines six distinct steps of the CCS process: raw mineral 
harvesting/collection and grinding, mineral shipping, chemical production and shipping, 
CO2 emitted from the power plant (i.e., not captured), the CO2 captured by the CCS 
process, and waste disposal. Separate LCAs were created for olivine and serpentine in 
order to assess the viability of each source mineral. The LCAs base all calculations off 
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NETL’s Case 12 power plant, which requires 4.18 million metric tons of CO2 to be 
mitigated annually.  
Although many traditional LCA models tend to be “black box” (i.e., do not 
clearly demonstrate how the outputted data were computed), the LCA was designed to be 
as transparent as possible. The LCA primarily relies on SimaPro software databases to 
identify the carbon produced during each process step (e.g., CO2 emitted per kg of 
specific acid produced), which then could be scaled-up using independently calculated 
material amounts required for NETL Case 12. When the desired carbon rates could not be 
found in SimaPro databases, the LCA utilized electricity demands as a proxy. For 
example, SimaPro databases do not contain carbon rates emitted during mining so instead 
the mine’s electricity demands were identified and assumed to be solely produced from 
coal. Then using coal’s energy content,(EIA	   n.d.) the amount of coal required was 
calculated and the carbon emissions were then derived from this quantity of coal. Note, 
this proxy method was only used during one of the six steps – raw mineral 
harvesting/collection and grinding. For all other process steps, carbon values from 
SimaPro or NETL Case 12 were used.  
Assumptions for the six process steps of the LCA  
Raw mineral harvesting/collection methods differ for each LCA because olivine 
and serpentine must be produced using different methods. The olivine LCA assumes the 
raw material is actively mined in a manner similar to underground coal mining. An 
underground coal mine requires 325,000 BTU to mine each short ton of coal and 93,000 
BTU to grind each short ton of coal to 44 microns(EERE-­‐DOE	  2003). However, these 
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electricity rates will be slightly higher for olivine because coal is easier to mine due to its 
comparative softness. Unlike olivine, serpentine is not actively mined in North America 
due to asbestos concerns so can only be collected as a waste product.  Therefore, the 
serpentine LCA assumes all serpentine to be harvested via longwall mineral collection 
(i.e., a process that uses conveyer belts to collect already loosened mineral from inactive 
mine sites). From the US DOE, longwall mining requires 3,100 BTU per short ton of 
coal(EERE-­‐DOE	   2003). Both LCA mining/harvesting phases include carbon emissions 
from grinding the raw mineral to 44 microns, which is roughly equal to the 30 microns 
required for the an aqueous-based pH-swing process.   
Mineral shipping emissions for both LCAs incorporate the carbon emitted by 
shipping the raw minerals and waste materials via railroad. A shipping distance of 200 
km was chosen, as this distance is economically feasible for the large quantities of 
material that must be shipped under current railroad transportation fees.(EIA	  2012) 
Chemical production and shipping based all chemical quantities on the material 
and energy balance (Figure 6-1) and assumed no recycle stream. Although LCA 
calculations were redone assuming 95% recycling for catechol and oxalic acid, these 
chemicals constitute such a small fraction of the total chemicals used that the CO2 
emission levels barely changed (e.g., 0.3140 MMT versus 0.3136 MMT for olivine 
process chemicals). The shipping method assumed diesel trucks would be used.  
Total CO2 emitted from the power plant was directly taken from NETL’s Case 12 
Exhibit 4-48, which states the power plant will emit 0.454 MMT CO2 annually. The CCS 
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carbon mitigation step was simply the carbon emitted by the process for NETL’s Case 12 
power plant – 4.18 MMT.  
Waste disposal is the final process step examined and includes the carbon emitted 
by waste treatment for the landfill of MgCO3 and SiO2. It should be noted the emissions 
from shipping the waste material were already accounted for in the “Mineral Shipping” 
step of the LCA examination. 
The original power plant examined in Case 11 (Exhibit 4-35) emits 3.28 MMT 
CO2 annually and the retrofitted plant in Case 12 produces a total of 4.63 MMT, of which 
4.18 MMT is captured. Both processes are overall carbon negative for NETL’s Case 12 
power plant. The overall CO2 balance (i.e., the net carbon mitigated/emitted over the 
entire process) for the olivine LCA is -1.61 million metric tonnes of carbon (Figure 6-3) 
while the overall balance for serpentine is -2.61 million metric tonnes of carbon (Figure 
6-2). Serpentine’s overall balance is a full one million metric tons of carbon less because 
the longwall harvesting method is much less energy intensive than the underground 
mining required for olivine. 
6.4. By-­‐Product	  Utilization	  
One area of interest in the field of mineral carbonation is the possibility of using 
byproducts from adjacent technologies to fill raw material demands. There are many 
benefits to doing this including reducing waste, converting hazardous materials to less 
dangers forms, and reducing the cost of raw materials. One common example in the 
literature is the use of the waste products from steelmaking as an input for mineral 
carbonation processes. (Eloneva,	   Teir,	   Salminen,	   Fogelholm	   &	   Zevenhoven	   2008b) 
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These steelmaking byproducts contain the alkali earth metals necessary to precipitate 
carbonates, while being much more reactive than naturally occurring minerals.  
The waste-processing stream might be optimized to produce precipitated silica 
and magnesium carbonate for industrial use and thereby offset overall process expenses.  
The original serpentine dissolution step will produce an acid Mg-rich solution containing 
large quantities of solid silica, as well as catechol and oxalate.  A similar acid leaching of 
olivine has been proposed for industrial production of precipitated silica by 
Gunnarsson.(Gunnarsson	  2012) Physical separation and cleaning of the silica produced 
in the serpentine dissolution reactor should likewise produce a marketable precipitated 
silica, though this requires the catechol and oxalate to be washed as well as the 
optimization of the slurry/selective precipitation process described in the Gunnarsson 
patent.(Gunnarsson	   2012) Additional silica might be precipitated from solution by 
raising the pH to 7-9 if dissolved silica levels in the reactor exceed a few hundred ppm, 
which have been observed in batch reactor tests.  
Precipitated Silica: There is a roughly 2 Mtonne/yr market for precipitated silica, 
which goes into the manufacture of rubber.  In particular, precipitated silica is used in the 
manufacture of ‘Green Tires” which are becoming standard in the EU. The precipitated 
silica market is expected to grow significantly in the future.  Precipitated silica sells for 
$500 – 1500/tonne,(Alibaba 2014) depending on size and purity.  Almost all industrially 
precipitated silica is manufactured by the neutralization of a sodium silicate solution.  
Fumed Silica: Fumed silica is used as a filler material in adhesives and sealants, 
in pharmaceuticals, cosmetics, paints, plastics and rubber.  Fumed silica is generated by 
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flaming silicon tetrachloride. The global market for fumed silica is ~ 1Mtonne/yr.  Fumed 
silica is sold for $100 - 5000/tonne,(Alibaba 2014) depending on grade and properties. 
Silica Fume: Also known as microsilica, silica fume is a very fine pozzolanic 
material (i.e., will not gain strength when mixed with water) composed of mostly 
amorphous silica produced by smelters using electric arc furnaces during the production 
of elemental silicon or ferro silicon alloys. Silica fume is very reactive and enhances the 
properties of cement. It is a more abundant and inexpensive additive for cement than 
fumed silica. 
MgCO3 is currently primarily sold as a refractory and fire retardant material for 
incorporation into plastics. While it is not common now, it could be used to replace 
precipitated and ground calcium carbonate (PCC/GCC) in paper filler applications. Frost 
and Sullivan estimated the total European market for paper filler pigments at $1.4B 
(2012), while the North American market for PCC was estimated at $485M. The market 
price for PCC ranges from $100 to $220/tonne.(Alibaba 2014)  
Table 6-2 shows a comparison between the general properties of commercial 
silica material and the created  by-product silica.  It is clear from this comparison that this 
created silica is best suited to applications involving precipitated silica. Literature on 
silica materials appears to focus most highly on purity and surface characteristics. At best 
the process material produced could be >90% silica, with unknown surface chemistry. 
In comparing the market size of the potential waste products, it becomes 
immediately clear only a small fraction of a single plant’s output could be diverted to 
market without significant disruption of the market pricing. Since commodity prices are 
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often elastic and the output of a single plant is larger than the worldwide market for these 
materials it is unlikely significant revenue could be derived from these materials (Table 
6-3). 
6.5. Acid-­‐Base	  Recycle	  Option	  
While many aspects of this plant design appear quite reasonable – namely 
reaction rates, reactor sizing, and life cycle analysis – the economics are still quite 
challenging because of the high demand for acid and base. This section evaluates the 
possibility of using an electrochemical technique to mitigate the costs of the acid and 
base demands of the overall process.  
The demand for acid and base is driven primarily by the reactions taking place. 
The acid requirement is tied to the dissolution of magnesium from serpentine, while the 
base is tied to the neutralization of CO2 from flue gas, with the demand for magnesium 
dictated by the amount of carbonate product that will be precipitated. In addition, a minor 
demand is dictated by maintaining favorable conditions for the reactions in each vessel, 
but this is nearly irrelevant (maintaining a pH of 3 in a reactor producing 1 mol/L Mg2+ 
leads to a loss of protons roughly three order of magnitude less than the amount 
consumed to make the Mg2+). As a back of the envelope approach to calculating the cost 
of the acid and base to supply a reaction of this nature, we can assume that the demand is 
dictated solely by the amount of CO2 being captured, and ignore the component from 
maintaining favorable reaction kinetics.  
To capture 1 mol of CO2, we would require 2 mols of both NaOH and HCl. 
Assuming a market price of US $400 per metric ton for NaOH and US $200 per metric 
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ton for 36% HCl(Alibaba 2014), we can calculate the cost of acid and base to capture a 
metric ton of CO2. As shown below (where MT = metric ton), this results in an overall 
cost of ~US$1630 per metric ton of CO2, which is a very large expense.  
Acid&Base Cost = [200 US$/MTHCl x 99.2x10-6 MTHCl/molHCl + 400 US$/MTNaOH 
x 40x10-6 MTNaOH/molNaOH] * 2 * 22.7x103molCO2/MTCO2 
Acid&Base Cost = US $1630 / MTCO2  
In contrast, there is a class of electrochemical reactors that can separate salt 
solutions into acid and base streams. These reactors use bipolar membrane electrodialysis 
to separate charged ions through ion selective membranes under an electric field. The 
theoretical energy demand for a system of this nature is < 560 kWh/Metric ton of NaOH 
produced(Mani 1991). Using this energy demand and an electricity cost of 0.05 
US$/kWh, we find that the cost of an incorporated electrodialysis could be as low as 
US$50 per metric ton of CO2 captured.  
Electrodylysis Cost = 1MTCO2 x 2 molNaOH/molCO2 x 40 g/molNaOH / 44 g/molCO2 x 
560 kWh/MTNaOH x 0.05 US$/kWh 
Electrodylysis Cost = US$ 50.90 / MTCO2 
While the calculations shown above are simple “back of the envelope” 
calculations, they illustrate that it may be possible to use an electrochemical-based 
technique to provide an internal source of acid and base at a reasonable cost. These 
costing estimates would have to be evaluated in much more rigor, and the implications of 
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operating an electrodialysis unit in the presence of magnesium ions and chelating agents 
would have to be investigated before this can be considered a reasonable solution. 
 
6.6. Conclusions	  
An accelerated mineral weathering process was developed for capturing and 
storing carbon dioxide in a single technology. The mass and energy balance for the 
overall process was solved based on the conditions of experimental data. The mass and 
energy balance was used to generate a life cycle analysis that demonstrated that this form 
of accelerated mineral weathering can reduce the carbon emissions of an energy 
conversion facility. In addition, two potential strategies for offsetting the cost of this 
accelerated mineral weathering technology were evaluated: selling by-products as 
specialty chemicals and supplying acid and base demands internally with an 
electrodialysis unit. It was concluded that the sale of by-product materials would not 
provide a sufficiently large market to sustain the technology. However, the use of an 
internal electrodialysis unit holds promise for reducing the operating cost and should be 




Table 6-1: Assumed Operational Parameters for Carbon Mineralization Process 
Parameter	   Assumed	  Value	   Units	  
Removal	  Efficiencies	   	   	  
CO2	   90%	   	  
SO2	   99%	   	  
Dissolution	  reactor	   	   	  
Mineral	  Utilization	   80%	   	  
Percent	  Solids	  in	  Dissolution	  Reactor	   30%	   	  
Mineral	  Catalyst	  Recycle	   95%	   	  
Conc	  of	  Acid	   70%	   	  
Absorber/precipitator	   	   	  
Conc	  of	  Base	   100%	   	  
Feed	  Conc	  of	  Biocatalyst	  (OD)	   200	   OD	  
Working	  Conc	  of	  Biocatalyst	  (OD)	   1	   OD	  
Working	  Conc	  of	  Min	  Cat	   1.00E-­‐02	   M	  
Magnesite	  Separator	   	   	  
Biocatalyst	  remaining	  in	  liquid	   90%	   	  
Solids	  removed	  	   95%	   	  
Bio	  Catalyst	  Separator	   	   	  
Recycle	  OD	   100	   OD	  
Recycled	  biocatalyst	   99%	   	  
Percent	  Solids	  in	  solids	  separator	  products	   80%	   wt%	  






Figure 6-1: Integrated capture and storage process based on the accelerated weathering of a 






Figure 6-2: LCA of CO2 for CCS process using collected serpentine with carbon emissions 
shown in red and carbon decreases shown in green. This LCA uses the NETL Case 12 as a base 
case with 4.18 million metric tons of CO2 mitigated annually. 
 
Figure 6-3: LCA of CO2 for CCS process using mined olivine with carbon emissions shown in 
red and carbon decreases shown in green. This LCA uses the NETL Case 12 as a base case with 






Table 6-2: Property comparison of silica materials 





Porous	  particles.	  Pore	  
diameters	  from	  5-­‐100	  nm	  
5-­‐50	  um	   100-­‐250	  m2/g	  
Precipitated	  Silica	  
Porous	  aggregates	  
Primary	  particles:	  5-­‐100nm	  
in	  diameter	  
Pore	  diameter	  ~30nm	  
1-­‐40	  um	   5-­‐100	  m2/g	  
Fumed	  Silica	   Non-­‐porous	   5-­‐50	  nm	   50-­‐600	  m2/g	  




Table 6-3: Potential Waste Stream Product Prices, Market Sizes, and Production Rates of Case 
12 
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500-­‐1500	   2	  
~4.9	  
















Chapter	  7	  -­‐ Conclusions	  and	  future	  work	  
7.1. Conclusions	  
In this work, an alternative strategy for reducing carbon emissions from energy 
production was investigated. Accelerated weathering of ultramafic rocks is an 
environmentally benign route to a thermodynamically and kinetically stable form of 
carbon. However, the reactions are relatively slow and achieving the reaction rates 
necessary to justify incorporation into an energy conversion system is challenging. This 
work addressed a number of the challenges facing the integration of accelerated 
weathering with energy conversion, and presents one view of how the integration could 
be achieved. 
The first stage of investigation was the development of the tools necessary for 
quantifying the dissolution rates of minerals and the precipitation rates of carbonated 
under tightly controlled conditions. Chapter 2 summarized a body of work dedicated to 
developing a suite of techniques for making these detailed measurements. Minerals were 
obtained and prepared for analysis via a thorough cleaning and characterization process. 
A differential bed reactor was designed for measuring the dissolution rates of minerals at 
far from equilibrium conditions in a highly reproducible environment. A bubble column 
reactor was developed for adsorbing carbon dioxide from the gas phase into an aqueous 
phase and precipitating a solid carbonate in a single step. These techniques, along with a 
number of solid phase and liquid phase analytical techniques provided the basis for the 
investigations in later chapters.  
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The first such investigation focused on the dissolution of magnesium from a 
silicate mineral. While the dissolution of this mineral is thermodynamically favorable, the 
kinetics are prohibitively slow. In Chapter 3, it was confirmed that the dissolution of 
these minerals under mildly acidic conditions is slow due to the formation of a silica 
based passivation layer. This passivation layer limits the reaction rate of the mineral. A 
mixture of two chemical chelating agents, catechol and oxalate, was evaluated for their 
ability to circumvent this passivation layer. The results showed that the chelating agents 
increase the dissolution rate of all three of the primary components of the mineral (Si, Mg 
and Fe) by at least an order of magnitude under moderately acidic conditions (pH 3), 
moderate temperature (90°C) and relatively low chelating agent concentrations. It was 
hypothesized that the chelating agent mixture achieved this effect via the modification of 
the silica based passivation layer as it forms. Changes to the pore volume of the mineral 
were observed that reinforced this hypothesis. This combination of catechol and oxalate 
under acidic conditions was extended to the batch dissolution of the mineral, and despite 
the fact that the ambient solution approached saturation of silica, the significant 
dissolution of the mineral was still observed. Finally, the chelating agent did not impede 
the precipitation of carbonate products, a critical hurdle for a carbon storage process. 
In Chapter 4, the chelating agent work was extended through a sensitivity study 
that evaluated the response of the dissolution rate to changes in both pH and the 
concentration of the chelating agents. Oxalate and pH were found to exhibit a strong 
influence on the mineral dissolution rate, while the effect of catechol was more apparent 
after significant dissolution had taken place. These observations were in agreement with 
the model of passivation layer modification proposed in Chapter 3. In addition, some 
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alternatives to the chelating agent catechol were evaluated. It was found that when used 
in combination with oxalate, these alternatives appeared equivalent to catechol, but alone 
they had limited effect. Catechol was also noted to have a significant effect on the 
dissolution rate of iron from the silicate mineral, and a mechanism for this effect was 
proposed.  
In Chapter 5, the investigation turned to the formation of magnesium carbonates. 
The direct adsorption of carbon dioxide and precipitation of solid carbonates in a single 
reaction step was identified early on as a major challenge for accelerated mineral 
weathering. In general, the magnesium carbonates formed at ambient pressure and 
moderate temperatures tend to be hydrated, and at times contain unused hydroxides, 
leading to inefficiencies in both transport and storage. It was shown that by seeding 
reaction vessels with the anhydrous form of magnesium carbonate, it is possible to grow 
this desired phase with minimal formation of the metastable hydrated phases. It was 
found that the formation of anhydrous magnesium carbonate is primarily limited by the 
precipitation rate, but in some situations, carbon dioxide hydration kinetics and 
magnesium hydroxide precipitation kinetics may also play a role.  
In Chapter 6, these developments in both magnesium silicate dissolution and 
carbonate precipitation were combined into a proposed technology for the direct capture 
and storage of carbon dioxide. This application of accelerated mineral weathering was 
shown to have the potential to significantly reduce the carbon emissions of an energy 
conversion technology, as demonstrated through a life cycle assessment. This novel 
approach to the mitigation of carbon emissions presents a compelling argument for the 
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continued development of accelerated mineral weathering as a combined carbon capture 
and storage technology. 
7.1. Future	  work	  
7.1.1. Silicate	  Mineral	  Dissolution	  Enhancement	  	  
The future work on the dissolution enhancement of silicate minerals centers 
around finding new techniques for investigating how chelating agents influence the 
formation of the silica based passivation layer. At the low-tech end of the scale, the same 
sensitivity analysis that was performed on the dissolution rates of the mineral components 
in Chapter 4 could be performed on the pore volume of the mineral. In order to properly 
compare the materials, it would be ideal to dissolve the same fraction of Mg from all 
samples, and then compare the pore volumes of minerals that were exposed to different 
environments. This would eliminate the uncertainty associated with the source of the pore 
volume growth. 
For higher technology approaches to this problem, it would be interesting to 
attempt to probe the chemical environment of the pore volume itself during formation. In 
situ x-ray analysis of minerals undergoing chemical transitions are possible with the right 
experimental equipment (Wolf	  et	  al.	  2004), and the coordination state of the silica atoms 
in the passivation layer can be probed using solid state NMR (Magi et al. 1984). In 
addition, it may be possible to examine the chemical environment of the chelating agents 





7.1.2. Targeted	  Growth	  of	  Magnesium	  Carbonate	  Products	  
The most critical piece of data missing from the modeling analysis on the 
precipitation rate of carbonates was an accurate model for the dissolution rate of brucite 
at moderate to high temperatures. This could be measured using the DBR and modeled 
with an existing surface speciation model (Pokrovsky et al. 2005). In addition, the 
adsorption and hydration of CO2 could also be slowing down the reaction rate of brucite, 
and a number of approaches could mitigate or quantify this effect. The hydration and 
adsorption of CO2 could be accelerated by sparging gas through the reactor continuously 
as the reaction proceeds. The increased surface area would allow a larger mass transfer of 
CO2 into the solution, and it is likely that along with the increased temperature this would 
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